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Great Study and Testing Tips! 


What to study in order to prepare for the subject assessments is the focus of this 
study guide but equally important is how you study. 


You can increase your chances of truly mastering the information by taking some 
simple, but effective steps. 
Study Tips: 


1. Some foods aid the learning process. Foods such as milk, nuts, seeds, 
rice, and oats help your study efforts by releasing natural memory enhancers 


called CCKs (cholecystokinin) composed of tryptophan, choline, and 
phenylalanine. All of these chemicals enhance the neurotransmitters associated 
with memory. Before studying, try a light, protein-rich meal of eggs, turkey, and 
fish. All of these foods release the memory enhancing chemicals. The better the 
connections, the more you comprehend. 


Likewise, before you take a test, stick to a light snack of energy boosting and 
relaxing foods. A glass of milk, a piece of fruit, or some peanuts all release 
various memory-boosting chemicals and help you to relax and focus on the 
subject at hand. 


2. Learn to take great notes. A by-product of our modern culture is that we 
have grown accustomed to getting our information in short doses (i.e. TV news 
sound bites or USA Today style newspaper articles.) 


Consequently, we’ve subconsciously trained ourselves to assimilate information 
better in neat little packages. If your notes are scrawled all over the paper, it 
fragments the flow of the information. Strive for clarity. Newspapers use a 
standard format to achieve clarity. Your notes can be much clearer through use 
of proper formatting. A very effective format is called the “Cornell Method.” 


Take a sheet of loose-leaf lined notebook paper and draw a line all the way down 
the paper about 1-2” from the left-hand edge. 


Draw another line across the width of the paper about 1-2” up from the bottom. 
Repeat this process on the reverse side of the page. 


Look at the highly effective result. You have ample room for notes, a left hand 
margin for special emphasis items or inserting supplementary data from the 
textbook, a large area at the bottom for a brief summary, and a little rectangular 
space for just about anything you want. 
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3. Get the concept then the details. Too often we focus on the details and 
don’t gather an understanding of the concept. However, if you simply memorize 
only dates, places, or names, you may well miss the whole point of the subject. 
A key way to understand things is to put them in your own words. If you are 
working from a textbook, automatically summarize each paragraph in your mind. 
If you are outlining text, don’t simply copy the author’s words. 


Rephrase them in your own words. You remember your own thoughts and words 
much better than someone else’s, and subconsciously tend to associate the 
important details to the core concepts. 


4. Ask Why? Pull apart written material paragraph by paragraph and don’t 
forget the captions under the illustrations. 


Example: If the heading is “Stream Erosion”, flip it around to read “Why do 
streams erode?” Then answer the questions. 


If you train your mind to think in a series of questions and answers, not only will 
you learn more, but it also helps to lessen the test anxiety because you are used 
to answering questions. 


5. Read for reinforcement and future needs. Even if you only have 10 
minutes, put your notes or a book in your hand. Your mind is similar to a 
computer; you have to input data in order to have it processed. By reading, you 
are creating the neural connections for future retrieval. The more times you read 
something, the more you reinforce the learning of ideas. 


Even if you don’t fully understand something on the first pass, your mind stores 
much of the material for later recall. 


6. Relax to learn so go into exile. Our bodies respond to an inner clock called 
biorhythms. Burning the midnight oil works well for some people, but not 
everyone. 


If possible, set aside a particular place to study that is free of distractions. Shut 
off the television, cell phone, pager and exile your friends and family during your 
study period. 


If you really are bothered by silence, try background music. Light classical music 
at a low volume has been shown to aid in concentration over other types. 


Music that evokes pleasant emotions without lyrics are highly suggested. Try just 
about anything by Mozart. It relaxes you. 
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7. Use arrows not highlighters. At best, it’s difficult to read a page full of 
yellow, pink, blue, and green streaks. 


Try staring at a neon sign for a while and you'll soon see my point, the horde of 
colors obscure the message. 


8. Budget your study time. Although you shouldn't ignore any of the material, 


allocate your available study time in the same ratio that topics may appear 
on the test. 
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Testing Tips: 


1. Get smart, play dumb. Don’t read anything into the question. Don’t 
make an assumption that the test writer is looking for something else than what is 
asked. Stick to the question as written and don’t read extra things into it. 


2. Read the question and all the choices twice before answering the 
question. You may miss something by not carefully reading, and then re- 
reading both the question and the answers. 


If you really don’t have a clue as to the right answer, leave it blank on the first 
time through. Go on to the other questions, as they may provide a clue as to 
how to answer the skipped questions. 


If later on, you still can’t answer the skipped ones ... Guess. The only penalty 
for guessing is that you might get it wrong. Only one thing is certain; if you don’t 
put anything down, you will get it wrong! 


3. Turn the question into a statement. Look at the way the questions are 
worded. The syntax of the question usually provides a clue. Does it seem more 
familiar as a statement rather than as a question? Does it sound strange? 


By turning a question into a statement, you may be able to spot if an answer 
sounds right, and it may also trigger memories of material you have read. 


4. Look for hidden clues. It’s actually very difficult to compose multiple-foil 
(choice) questions without giving away part of the answer in the options 
presented. 


In most multiple-choice questions you can often readily eliminate one or two of 
the potential answers. This leaves you with only two real possibilities and 
automatically your odds go to Fifty-Fifty for very little work. 


5. Trust your instincts. For every fact that you have read, you subconsciously 
retain something of that knowledge. On questions that you aren’t really certain 
about, go with your basic instincts. Your first impression on how to answer a 
question is usually correct. 


6. Mark your answers directly on the test booklet. Don’t bother trying to fill 
in the optical scan sheet on the first pass through the test. 


Just be very careful not to mis-mark your answers when you eventually 
transcribe them to the scan sheet. 


7. Watch the clock! You have a set amount of time to answer the questions. 
Don’t get bogged down trying to answer a single question at the expense of 10 
questions you can more readily answer. 
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CHEMISTRY 


TEACHER CERTIFICATION STUDY GUIDE 


SUBAREA I. REFLECTING ON AND CONSTRUCTING 
SCIENTIFIC KNOWLEDGE 


COMPETENCY 1.0 UNDERSTAND THE PRINCIPLES AND PROCEDURES 
OF SCIENTIFIC INQUIRY 


Skill 1.1 Formulating research questions and investigations in 
chemistry 


While an inquiry may start at any point in this method and may not involve all of 
the steps here is the pattern. 


Observations 

Scientific questions result from observations of events in nature or events 
observed in the laboratory. An observation is not just a look at what happens. It 
also includes measurements and careful records of the event. Records could 
include photos, drawings, or written descriptions. The observations and data 
collection lead to a question. In chemistry, observations almost always deal with 
the behavior of matter. Having arrived at a question, a scientist usually 
researches the scientific literature to see what is known about the question. 
Maybe the question has already been answered. The scientist then may want to 
test the answer found in the literature. Or, maybe the research will lead to a new 
question. 


Sometimes the same observations are made over and over again and are always 
the same. For example, you can observe that daylight lasts longer in summer 
than in winter. This observation never varies. Such observations are called laws 
of nature. Probably the most important law in chemistry was discovered in the 
late 1700s. Chemists observed that no mass was ever lost or gained in chemical 
reactions. This law became known as the law of conservation of mass. 
Explaining this law was a major topic of chemistry in the early 19th century. 


Hypothesis 

If the question has not been answered, the scientist may prepare for an 
experiment by making a hypothesis. A hypothesis is a statement of a possible 
answer to the question. It is a tentative explanation for a set of facts and can be 
tested by experiments. Although hypotheses are usually based on observations, 
they may also be based on a sudden idea or intuition. 


Experiment 

An experiment tests the hypothesis to determine whether it may be a correct 
answer to the question or a solution to the problem. Some experiments may test 
the effect of one thing on another under controlled conditions. Such experiments 
have two variables. The experimenter controls one variable, called the 
independent variable. The other variable, the dependent variable, is the change 
caused by changing the independent variable. 


CHEMISTRY 1 


TEACHER CERTIFICATION STUDY GUIDE 


For example, suppose a researcher wanted to test the effect of vitamin A on the 
ability of rats to see in dim light. The independent variable would be the dose of 
Vitamin A added to the rats’ diet. The dependent variable would be the intensity 
of light that causes the rats to react. All other factors, such as time, temperature, 
age, water given to the rats, the other nutrients given to the rats, and similar 
factors, are held constant. Chemists sometimes do short experiments “just to 
see what happens” or to see what products a certain reaction produces. Often, 
these are not formal experiments. Rather they are ways of making additional 
observations about the behavior of matter. 


In most experiments, scientists collect quantitative data, which is data that can be 
measured with instruments. They also collect qualitative data, descriptive 
information from observations other than measurements. Interpreting data and 
analyzing observations are important. If data is not organized in a logical manner, 
wrong conclusions can be drawn. Also, other scientists may not be able to follow 
your work or repeat your results. 


Conclusion 

Finally, a scientist must draw conclusions from the experiment. A conclusion 
must address the hypothesis on which the experiment was based. The 
conclusion states whether or not the data supports the hypothesis. If it does not, 
the conclusion should state what the experiment did show. If the hypothesis is 
not supported, the scientist uses the observations from the experiment to make a 
new or revised hypothesis. Then, new experiments are planned. 


Skill 1.2 Developing valid experimental designs for collecting and 
analyzing data and testing hypotheses 


Modern science began around the late 16th century with a new way of thinking 
about the world. Few scientists will disagree with Carl Sagan’s assertion that 
“science is a way of thinking much more than it is a body of knowledge” (Broca’s 
Brain, 1979). Thus science is a process of inquiry and investigation. It is a way of 
thinking and acting, not just a body of knowledge to be acquired by memorizing 
facts and principles. This way of thinking, the scientific method, is based on the 
idea that scientists begin their investigations with observations. From these 
observations they develop a hypothesis, which is extended in the form of a 
predication, and challenge the hypothesis through experimentation and thus 
further observations. Science has progressed in its understanding of nature 
through careful observation, a lively imagination, and increasingly sophisticated 
instrumentation. Science is distinguished from other fields of study in that it 
provides guidelines or methods for conducting research, and the research 
findings must be reproducible by other scientists for those findings to be valid. 
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It is important to recognize that scientific practice is not always this systematic. 
Discoveries have been made that are serendipitous and others have not started 
with the observation of data. Einstein’s theory of relativity started not with the 
observation of data but with a kind of intellectual puzzle. 


The Scientific Method is a logical set of steps that a scientist goes through to 
solve a problem. The main purpose of using the Scientific Method is to eliminate, 
as much as possible, preconceived ideas, prejudices and biases by presenting 
an objective way to study possible answers to a question. Only by designing a 
way to study one variable at a time can each possible answer be ruled out or 
accepted for further study. There are as many different scientific methods as 
there are scientists experimenting. However, there seems to be some pattern to 
their work. 


While an inquiry may start at any point in this method and may not involve all of 
the steps, here is the pattern. 


Observations 

Scientific questions result from observations of events in nature or events 
observed in the laboratory. An observation is not just a look at what 
happens. It also includes measurements and careful records of the event. 
Records could include photos, drawings, or written descriptions. 


Question 

The observations and data collection lead to a question. In chemistry, 
observations almost always deal with the behavior of matter. 
Information Gathering / Research 

Having arrived at a question, a scientist usually researches the scientific 
literature to see what is known about the question. This research can be 
done by using scientific journals, by reading papers presented at 
conferences, by asking scientists at other institutions and in industry, and 
by researching the internet. Maybe the question has already been 
answered. The scientist then may want to test the answer found in the 
literature. Or, maybe the research will lead to a new question. 


Sometimes the same observations are made over and over again and are 
always the same. For example, you can observe that daylight lasts longer 
in summer than in winter. This observation never varies. Such 
observations are called laws of nature. Probably the most important law in 
chemistry was discovered in the late 1700s. Chemists observed that no 
mass was ever lost or gained in chemical reactions. This law became 
known as the law of conservation of mass. Explaining this law was a major 
topic of chemistry in the early 19th century. 
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Hypothesis 

If the question or some aspect of the question has not been answered, the 
scientist may prepare for an experiment by making a hypothesis. A 
hypothesis is a statement of a possible answer to the question. It is a 
tentative explanation for a set of observations and must be stated in 
positive terms and in such a way that can be tested by experiments. 
Although hypotheses are usually based on observations, they may also be 
based on a sudden idea or intuition. 


Experiment 

An experiment tests the hypothesis to determine whether it may be a 
correct answer to the question or a solution to the problem. Designing an 
appropriate experiment can be challenging. Experiments need to have 
clearly defined controls (Standards), variables, constants, and procedures 
that truly do test the variable in the question and hypothesis. Some 
experiments may test the effect of one thing on another under controlled 
conditions. Such experiments have two variables. The experimenter 
controls one variable, called the independent variable. The other variable, 
the dependent variable, is the change caused by changing the 
independent variable. 


For example, suppose a researcher wanted to test the effect of vitamin A 
on the ability of rats to see in dim light. The independent variable would be 
the dose of Vitamin A added to the rats’ diet. The dependent variable 
would be the intensity of light to which the rats respond. All other factors, 
such as time, temperature, age, water and other nutrients given to the rats 
would be held constant. 

Chemists sometimes do short experiments “just to see what happens” or 
to see what products a certain reaction produces. Often, these are not 
formal experiments. Rather they are ways of making additional 
observations about the behavior of matter. 


When students are involved in designing experiments, they better understand 
what scientists are doing as well as the difficulty of designing appropriately 
controlled experiments. An ideal experiment at the high school level should not 
last more than 12-14 days. 


Data Collection 

In most experiments, scientists collect quantitative data, which are data 
that can be measured with instruments. Quantitative data involves 
numbers and measurements against a standard. Those measurements 
may be taken at specified time intervals. They also collect qualitative 
data, descriptive information from observations other than measurements. 
Qualitative data includes any observations made with the senses of 
hearing or seeing such as a popping sound or a color change. 
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Data Analysis / Interpretation 

Interpreting data and analyzing observations are important. If data are not 
organized in a logical manner, incorrect conclusions can be drawn. Also, other 
scientists may not be able to follow or reproduce the results. By placing data into 
charts and graphs, the scientist may see patterns or lack thereof. The scientist 
will also be able to understand if the experiment truly tested the hypothesis. 
Induction is drawing conclusions based on facts or observations. Deduction is 
drawing conclusions based on generalizations. 


Conclusion 

Finally, a scientist must draw conclusions from the experiment. A conclusion 
must address the hypothesis on which the experiment was based. The 
conclusion states in writing whether or not the data supports the hypothesis. If it 
does not, the conclusion should state what the experiment did show. If the 
hypothesis is not supported, the scientist uses the observations from the 
experiment to make a new or revised hypothesis. Then, new experiments are 
planned. 


Effective written communication is necessary to present the research to a 
teacher or to a scientific journal. Effective oral communication is needed to 
present the research to a group whether that group is a class or other scientists. 
Students must recognize that, in this age of communication, those who cannot 
communicate effectively will be left behind. Accordingly, the evaluation system of 
the use of the scientific method should make provision for communication skills 
and activities. 


Defending results 

Defending results is as important as conducting an experiment. One can 
honestly defend one’s own results only if the results are reliable, and 
experiments must be well-controlled and repeated at least twice to be 
considered reliable. It must be emphasized to the students that honesty 
and integrity are the foundation for any type of investigation. 
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Steps of a Scientific Method 


Data 
supports 
hypothesis 


Design and 


Observations Formulate conduct 

that lead to a a experiment 

question hypothesis to test 
hypothesis 


Data does 
not support 
hypothesis 
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The Development of a Scientific Theory using the Scientific Method 
When a hypothesis survives many experimental tests to determine its 
validity, the hypothesis may evolve into a theory. A theory explains a body 
of facts and laws that are based on the facts. A theory also reliably 
predicts the outcome of related events in nature. For example, the law of 
conservation of matter and many other experimental observations led to a 
theory proposed early in the 19th century. This theory explained the 
conservation law by proposing that all matter is made up of atoms which 
are never created or destroyed in chemical reactions, only rearranged. 
This atomic theory also successfully predicted the behavior of matter in 
chemical reactions that had not been studied at the time. As a result, the 
atomic theory has stood for 200 years with only small modifications. 


A theory also serves as a scientific model. A model can be a physical 
model made of wood or plastic, a computer program that simulates events 
in nature, or simply a mental picture of an idea. A model illustrates a 
theory and explains nature. In your chemistry course, you will develop a 
mental (and maybe a physical) model of the atom and its behavior. 
Outside of science, the word theory is often used to describe someone’s 
unproven notion about something. In science, theory means much more. It 
is a thoroughly tested explanation of things and events observed in nature. 


A theory can never be proven true, but it can be proven untrue. All that is 
required to prove a theory untrue is to show one exception to the theory. 


Skill 1.3 Recognizing the need for control groups in experiments 


Experimental controls prevent factors other than those under study from 
impacting the outcome of the experiment. A test sample in a controlled 
experiment is the unknown that is compared against one or more control 
samples. Control samples should be selected to be as identical to the test 
sample as possible in every way other than the one variable being tested. 


A negative control is a control sample that is known to lack the effect. A 
positive control is known to contain the effect. Positive controls of varying 
strengths or concentrations are often used to generate a calibration curve (also 
called a standard curve). 
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For example, a scientist may wish to measure the level of arsenic in drinking 
water in a former mining area. A negative control would consist of water similar to 
that being tested that does not contain arsenic. This insures that there has been 
no cross-contamination during the experiment, and that the instruments are 
recording properly. Positive controls are also prepared consisting of water 
samples with increasing known concentrations of arsenic. The curve of 
concentration responses obtained is called a calibration curve, and is compared 
to past Curves to ensure that the instrument is recording accurate and precise 
measurements across a wide concentration range. 


When determining the concentration of a component in a mixture, an internal 
standard is a known concentration of a different substance that is added to the 
experimental sample. An external standard is a known concentration of the 
substance of interest. External standards are more commonly used. They are 
not added to the experimental sample; they are analyzed separately. These 
standards are frequently used to evaluate potential bias in the results, which may 
be caused by poor instrument calibration, interference from other compounds, or 
loss of the substance during sample pre-processing. 


Skill 1.4 Understanding procedures for collecting and interpreting data 
to minimize bias 


Experimental bias occurs when a researcher favors one particular outcome 
over another in an experimental setup. In order to avoid bias, it is imperative to 
set up each experiment under exactly the same conditions, including a control 
experiment, an experiment with a known negative outcome. Additionally, in 
order to avoid experimental bias, a researcher must not “read” particular results 
into data. 

An example of experimental bias can be seen in the example of the mouse in the 
maze experiment. In this example, a researcher is timing mice as they move 
through the maze towards a piece of cheese. The experiment relies on the 
mouse’s ability to smell the cheese as it approaches. If one mouse chases a 
piece of cheddar cheese, while another chases Limburger, or so called “stinky” 
cheese, clearly the Limburger mouse has a huge advantage over the mouse 
chasing cheddar. To remove the experimental bias from this experiment, the 
same cheese should be used in both tests. 


Skill 1.5 Recognizing independent and dependent variables and 
analyzing the role of each in experimental design 


See Skill 1.2. 
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Skill 1.6 Identifying the most appropriate method (e.g., graph, table, 
formula) for presenting data for a given purpose 


Scientific data are initially organized into tables, spreadsheets, or databases. 
However, trends or patterns in data can be difficult to identify using tables of 
numbers. For example, the table below presents carbon dioxide concentrations 
taken over many years from the Mauna Loa Observatory in Hawaii. 


Atmospheric CO: concentrations at Mauna Loa 


Feb. March! April | May | une | duly | Aug. | Sept. Oct. Nov. | Dec. ‘Annual 


T 


| . 
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1990)353.66) 354.7/3855.39) 356.2/857.16)9856.22)354.82/352.91/3850.96)351.18)3352.83)354.21) 354.19 
1991/354.72)355.75)3357.16) 358.6)859.34'3858.241356.17/354.03)852.16)3852.21/3853. 75,354.99) 355.59 


. 
. 


2000369.08 : : 2 


(Carbon Dioxide Information Analysis Center (CDIAC)) 


However, more often than not, the data are then compiled into graphs or charts. 
Graphs help scientists visualize and interpret the variations and patterns in data. 
Depending on the nature of the data, there are many types of graphs that may be 
useful. Bar graphs, pie charts and line graphs are just a few methods used to 
pictorially represent numerical data. 


Atmospheric Carbon Dioxide Concentration 
12 


380 


340 


COs (parts per million) 


E Long-term Trend 
Monthly Mean 


1960 1970 1980 1990 ~ 2000 
Year 
Atmospheric COz measured at Mauna Loa. This is a famous graph called the 
Keeling Curve (courtesy NASA) 
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In the graph above, the x-axis represents time in units of years and the y-axis 
represents CO; concentration in units of parts per million (ppm). The best fit line 
(solid dark line) shows the trend in CO3 concentrations during the time period. 
The steady upward-sloping line indicates a trend of increasing CO2 
concentrations during the time period of 1958 to 2002. However, the light blue 
line which indicates monthly mean CO; levels shows a periodic variation in CO2 
concentrations during each year. This periodic variation is accounted seasonal 
effects. In the spring and summer, deciduous trees and plants undergo 
increased photosynthesis and remove more CO; from the atmosphere in the 
Northern Hemisphere than in the fall and winter when they have no leaves. 


There are seven basic types 


of graphs and charts. Source: Board of Education 
Total School Enrollment is Expected 
Column Graphs to Increase, Primarily in K-8 


Column graphs, consist of 
patterned rectangles 
displayed along a baseline 

called the x-category or the E High Schoo! 
horizontal axis. The height Eks 

of the rectangle represents 

the amount of the variable 

shown on the y-axis. TE: e 
Column graphs best show: 
e changes in data over time 
(short time series) 

* comparisons of several items (relationship between two series) 


Bar Graphs 
Bar graphs are column graphs in which the rectangles are arranged horizontally. 


The length of each rectangle represents its value. Bar graphs are sometimes 
referred to as histograms. Bar graphs best show data series with no natural 


------Estimated------- 


Enrollment 


1982-83 
1985-86 
1987-88 


order. 
| Horizontal Bar Chart Bal graphs are gaon Tor 
Comparison of performance, use for a series with long labels looking at differences among 


similar things. If the data are 
a time series, a carefully 


Fotie ciy chosen column graph is 
ba caei generally more appropriate 
Mountain View but bar graphs can be used to 
fine vary a presentation when 
Sacramento many column graphs of time 
San Francisco i 
Er series are used. One 
South San Francisco advantage of bar graphs is 


Walnut Creek 


that there is greater horizontal 
space for variable descriptors 
because the vertical axis is the 


category axis. 
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Cumulative Frequency Line Graphs 
Line graphs show data points connected by 


lines; different series are given different line 
markings (for example, dashed or dotted) or 
different tick marks. Line graphs are useful 


A ‘i when the data points are more important 
ae than the transitions between them. They are 
2 best for showing the comparison of long 
a series of data points. a general trend in the 
n data, or changes over time. 
o poss] a save ao 100 mo 
Pie Charts Computers 


(% World Production) 


A pie chart is a circle with radii connecting the 
center to the edge. The area between two radii is 
called a slice. Data values are proportionate to 
the angle between the radii. 


35.3% 


Europe 


Pie charts best show parts of a whole. Be careful 
not to include too many slices since that results 
in a cluttered graph. Six slices are usually as 
many as can be handled on one pie. 


39 % 
United States 


Area Charts 

Area charts show the relative contributions over 

time that each data series makes to a whole picture and are “stacked line 
graphs” in the sense that the variables are added together (e.g., principal + 
interest = total payment). Unlike line graphs, the space between lines is filled with 
shadings to emphasize variation among the variables over time. 


Source: Comptrollers Office 
Level Debt Service for a 20-Year, $8.2 Million 
Issue 
(in millions) 


1.0 + Payments remain constant but principal is repayed slowly 


O OR OW DOO KF NOMTt HMO KR DK OC KF NOM + 
Oo ooododoedoedocedoceod0oge0oceoogogeooeesrrrerees: 
agooe’&owoeoo od°od oovodonccds3d oo & So co oO 
Se Bowe er NN NM CON US NH NNN NN NOON ON 
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Scatter Graphs 
A scatter plot is the simplest 


type of graph. It simply plots 
the data points against their 
values, without adding any 
connecting lines, bars or 
other features. The first 
variable is measured along 
the x-axis and the second 
along the y-axis. Because of 
this, scatter graphs do not 
have descriptors in the 
same sense as other Price (thousands of dollars) 


graphs. 


Sportscars: Miles per Dollar 


Top speed (mph) 


20 40 60 30 100 


Scatter graphs best show possible relationships between two variables. The 
purpose of the graph is to try to decide if some partial or indirect relationship—a 
correlation—exists. 


Skill 1.7 Applying mathematics to investigations in chemistry and the 
analysis of data 


To more easily manage large amounts of data, statistical measures are 
employed to characterize trends in the data. In many systems, the data fits a 
normal distribution, which has a concentration of data points in the center and 
two equally sized tails (the ends of the distributions). This type of distribution 


looks like this: 
A ee 


A distribution is considered skewed if one tail is larger than the other. To further 
characterize these distributions, a variety of statistical measures are used. The 
following are the most commonly used statistical measures: 


Arithmetic Mean: The arithmetic mean is the same as the arithmetic mean or 
average of a distribution — the sum of all the data points divided by the number 
of data points. The arithmetic mean is a good measure of the central tendency of 
roughly normal distributions, but may be misleading in skewed distributions. In 
cases of skewed distributions, other statistics such as the median or geometric 
mean may be more informative. 
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Median: The median is the middle of a distribution: half the scores are above the 
median and half are below it. Unlike the mean, the median is not highly sensitive 
to extreme data points. This makes the median a better measure than the mean 
for finding the central tendency of highly skewed distributions. The median is 
determined by organizing the data points from lowest to highest. When there is 
an odd number of numbers, the median is simply the middle number. For 
example, the median of 2, 4, and 7 is 4. When there is an even number of 
numbers, the median is the mean of the two middle numbers. Thus, the median 
of the numbers 2, 4, 7, 12 is (4+7)/2 = 5.5. 


Mode: The mode is the most frequently occurring data point in a distribution 
and is used as a measure of central tendency. The advantage of the mode asa 
measure of central tendency is that its meaning is obvious. However, the mode 
is greatly subject to sample fluctuations and so is not recommended for use as 
the only measure of central tendency. Additionally, many distributions have more 
than one mode. Note also that in the case of a perfectly normal distribution, the 
mean, median, and mode are identical. 


Percentile: Percentiles are similar to a median, but may represent any point in 
the data set. For example, the 90" percentile represents that point at which 90% 
of the data points are below that value and 10% of the data points are above that 
value. Quartiles, representing the 25", 50", and 75" percentiles of a data set, are 
often used to describe a distribution. 


Variance: The variance is used to give a measure of the variability ina 
distribution. It is computed as the average squared deviation of each number 
from its mean. For example, for the numbers 1, 2, and 3, the mean is 2 and the 
variance (o°) is: 


o°= [(1-2)*+(2-2)*+(3-2)*]/3=0.667 


Standard deviation: Like variance, standard deviation is a measure of the 
spread of the distribution, but it is the more commonly used statistic. The 
standard deviation is simply the square root of the variance. 


Note that the standard deviation can be used to compute the percentile rank 
associated with a given data point (if the mean and standard deviation of a 
normal distribution are known). In such a normal distribution, about 68% of the 
data points are within one standard deviation of the mean and about 95% of the 
data points are within two standard deviations of the mean. 
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Skill 1.8 Interpreting results presented in different formats 


The interpretation of data and the construction and interpretation of graphs are 
central practices in science. Graphs are effective visual tools which relay 
information quickly and reveal trends easily. While there are several different 
types of graphical displays, extracting information from them can be described in 
three basic steps. 


1. Describe the graph: What does the title say? What is displayed on the x-axis 
and y-axis, including the units. 


e Determine the set-up of the graph. 
e Make sure the units used are understood. 
For example, g:cm? means g/cm? 
e Notice symbols used and check for legend or explanation. 


2. Describe the data: Identify the range of data. Are patterns reflected in the 
data? 


3. Interpret the data: How do patterns seen in the graph relate to other 
variables? What conclusions can be drawn from the patterns? 


Skill 1.9 Evaluating the validity of conclusions 


A scientific conclusion may either be made on an inductive basis through appeal 
to evidence or on a deductive basis through appeal to general laws and 
principles. Since science deals with the physical world in large part through 
empirical observation and measurement, general principles can only be derived 
inductively. Consequently, scientific laws and principles must always be treated 
as at least somewhat tentative. The validity of induced principles or laws, 
therefore, is a crucial foundation for the validity of any conclusion that is based 
upon them. So long as the general concepts are acceptable, then any valid 
conclusion that is deduced from them must, likewise, be acceptable. If the 
general principles upon which the conclusion is based come under scrutiny, then, 
logically, the conclusion must likewise be questioned, if not rejected. 


The validity of conclusions based on induction is less clear than those based on 
deduction. Since no investigation can test every possible application of a theory 
or hypothesis, the conclusions made based upon that theory or hypothesis must 
be evaluated in a tentative or probabilistic sense. Conclusions based on a theory 
that has withstood a long period of empirical scrutiny with unmitigated success 
may be judged to be more valid than those based on a theory with fewer 
scientific credentials. Thus, the validity of a conclusion must be judged based on 
logic and the relative weight of the evidence that supports it. 
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Skill 1.10 | Assessing the reliability of sources of information 


There are many possible source of information about science. Their reliability 
and relevance are varied and each one may be particularly suited to a given 
circumstance. 


Popular articles and books 


When investigating an unfamiliar science-related topic, articles in popular science 
magazines, such as Science, Popular Science and even National Geographic, 
can be a helpful starting point. Such magazines often provide articles on 
scientific discoveries and ideas that cover the topic at an introductory level that is 
accessible to most readers. In addition to presenting some of the basic (and, 
sometimes, more advanced) concepts, these articles almost invariably also use 
at least some vocabulary associated with the topic. Many popular books also 
serve the same purpose as their counterparts in periodical literature, but provide 
a more thorough presentation of the topic. Although such popular articles and 
books may provide a good starting point when learning about some subject, they 
seldom offer a solid foundational or mathematical understanding. As a result, 
other sources must be consulted for more in-depth knowledge. 


Textbooks 


Student-oriented textbooks are a good resource for acquiring a more 
fundamental overview of a topic related to science. Textbooks regularly define 
critical terms and vocabulary, and very often include a bibliography that can be 
used as a Starting point for more in-depth reading or research. Although 
textbooks often provide a reasonable theoretical foundation for understanding a 
particular subject, the discussion of relevant examples, current issues, and other 
specific information is often highly limited for the sake of brevity. Additionally, 
even classic textbooks that adequately cover certain topics may be out of date 
with respect to recent advances and controversies. As a result, textbooks are not 
an ideal source of information for highly specific or novel research. Some books 
that cover more specific topics are available and may be better resources than 
textbooks, however. 
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Peer-reviewed literature 


The most up-to-date and informative literature dealing with specific issues and 
controversies in science is found in the peer-reviewed publications. These 
publications report new discoveries and findings and provide the most 
unadulterated view of the current status of a particular field of science. Due to the 
high-level technical nature of these publications, however, they are often 
inaccessible to readers not already familiar with at least the basics of the field. 
Also, knowledge of most of the technical vocabulary is assumed in journal 
articles. Nevertheless, with appropriate research, most papers can be unraveled 
and information can be gleaned from their pages. Furthermore, many of these 
technical articles have extensive bibliographies that can be used to do further 
background or related research. 


Strategies for acquiring information 


How one goes about studying or learning about a specific science-related topic 
or field depends largely on the specificity and technical level of the desired 
understanding, as well as on the background of the investigator. Someone new 
to a particular field may need to start at the level of a popular article or book and 
then build up, by way of textbooks and other middle-level resources, to peer- 
reviewed literature. Those with a solid background in a field who are seeking to 
do original research on a specific topic may find it sufficient to go directly to the 
peer-reviewed literature. The best strategy for learning about a science-related 
topic must take into account these and other considerations. 
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COMPETENCY 2.0 APPLY KNOWLEDGE OF METHODS AND EQUIPMENT 
USED IN SCIENTIFIC INVESTIGATIONS 


Skill 2.1 Selecting and using appropriate data collection and 
measurement devices and methods 


A lab notebook is used as the record of lab work and data collection as it 
occurs. Researchers often use lab notebooks to document hypotheses and 
data analysis. A good lab notebook should allow another scientist to follow the 
same steps. Electronic lab notebooks are growing in popularity. 


Quantitative data involves a number, and qualitative data does not. Qualitative 
data may be a description such as a slight/moderate/intense color change ora 
weak/strong/explosive reaction or it may simply be the absence/presence of an 
event. 


Simple quantitative data 


Many standard lab activities use simple measuring devices such asa 
thermometer, a clock (or wristwatch, chronometer or stopwatch), a ruler (or 
micrometer or tape measure), or an electrical meter (e.g. voltmeter, ammeter). 
Humidity is measured with a hygrometer. 


The pressure in a vessel is measured with a pressure 
gauge or a manometer (shown at left). The unknown 
pressure Punknown IS applied to one side of a U-shaped tube 
| and a known reference pressure is applied to the other. 
Pknown May be another vessel or the atmospheric 
pressure that is determined with a barometer. The 
difference in liquid levels Oh may be converted to a 
pressure (e.g., 760 mm mercury=1 atm). If the liquid 
level is higher on the Pxnown Side, Ah is added to Pxnown to obtain Punknown. If the 
liquid level is higher on the Punknown Side as in the example shown, Ah is 
subtracted from Pxnown to obtain Punknown- 


Volumetric data is often found by determining the level of liquid ina 
graduated cylinder (Shown at right) or a buret. Volumetric flasks 
(shown on the left) are designed to hold a defined volume. A mark on 
the neck indicates when that volume has been reached. Volumetric 
containers are usually labeled with TC or TD. TC is an abbreviation for 
"To Contain." These are containers for measuring an unknown 
volume or creating a stock solution. TD means 
"To Deliver." These are used for pouring a known 
volume into another vessel. To read a volume 
level, position your eye at the level of the 
meniscus. The meniscus is the liquid/air interface. Read the volume level at 
the bottom of the meniscus as shown by the arrow. 
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A graduated pipet (or pipette) is used to transfer small quantities of liquid. A 
pipet bulb is a rubber ball that is squeezed and released to generate the suction 
for drawing liquid into a pipet. A micropipet is used for microliters of liquid. 


An automatic pipet uses a button press to fill and discharge a defined volume of 
liquid. Pipets are always calibrated "to deliver." 


A eudiometer tube contains volumetric graduations and is used 
to measure the volume of gases. The tube is 
filled with liquid (usually water) and is inverted ina 
container of the liquid (as shown at left). Gas is 
bubbled into the eudiometer and the volume is 
read. The tube sometimes contains a sparking 
device to create a reaction in the gases inside. 


If the eudiometer is raised or lowered until the 
level of liquid inside and outside the tube are 
the same (as shown at right) then the total 
pressure inside the eudiometer is identical to 
atmospheric pressure as found with a barometer. Vapor pressure of the liquid 
may be found from its temperature. Using Dalton's Law of partial pressures, this 
vapor pressure is subtracted from the barometric pressure to determine the 
partial pressure of the gas. 


P 


= Pii z E or 


If the temperature of the gas is found, it may be used along with P and V in the 
ideal gas law to determine the number of moles of the gas in the eudiometer. 
PV 
n = — 
RT 


If the mass, m, of the gas is known then M, its molecular weight, may be 
found. 


m 
M=— 
n 


Mass is measured with a balance. The terms "mass" and "weight" are often 
used interchangeably in the lab. A container is placed on the weighing pan, and 
either its mass is recorded (this is called a tare weight) or a button is pressed to 
reset the balance to zero. The material is then added to the container and its 
weight is recorded. Tare weight must be subtracted from this gross weight to 
obtain the net weight of the substance. When creating a stock solution of 
known concentration, do not try to measure out an exact mass. Obtaina 
mass near the amount desired and measure out the appropriate volume of liquid. 
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Radioactivity is measured using a Geiger counter or a scintillation counter. 
A dosimeter is any device to measure a person's exposure to a hazardous 
substance, but it usually refers to radioactive exposure. 


Heat measurements involved in thermochemistry are made using a 
thermometer in a thermally insulated device called a calorimeter. Food calories 
are determined by a bomb calorimeter. 


Concentration, molecular weight, separation and identification 


A pH meter or the color of a pH indicator is used to measure hydrogen ion 
concentration. 


A photometer is any instrument that measures the intensity of light. A 
spectrometer is any instrument that separates light or mass into its component 
parts by a scattering process. 


An unknown concentration of a solute in a liquid solution is typically determined 
using a colorimeter or spectrophotometer to measure the amount of light that 
passes through the solution. Concentrated solutions have a higher absorption of 
light, so less light passes through the liquid. Different solutes absorb light at 
different wavelengths. This phenomenon is visible to the naked eye in the case 
of dilute and concentrated solutions of different food colorings or inks. The 
solution is placed in a clear square container called a cuvette (or cuvet), and the 
cuvette is placed in the instrument. Solutions of known concentrations are 
prepared first and used as standards to generate a calibration curve of light 
absorption as a function of concentration. The absorption of the unknown is 
found from the instrument, and its concentration is determined from the 
calibration curve. Colorimeters use color filters to separate visible light into broad 
components. Spectrophotometers make more detailed measurements at defined 
wavelengths of light. Most spectrophotometers are called UV/Vis because they 
measure absorption at ultra-violet and visible wavelengths. Other types are NIR 
for "near infrared" and IR for infrared. 


An unknown concentration of a metal element in a sample may be found in an 
atomic absorption spectrometer. The sample is broken up into free atoms ina 
very hot flame, and light is passed through the flame to measure absorbance. 


The molecular weights of atoms or molecules in a mixture are determined 
with a mass spectrometer. The sample is vaporized, this gas is ionized, and 
these ions are deflected towards a magnet that separates them according to their 
mass. There are many specialized applications of mass spectrometry, so there 
are dozens of variations to the process. Mass spectrometry is used to determine 
the ratio of °H/ŽH in water, “C dating, and to characterize polymers and 
biological molecules with molecular weights of over a million. 
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Chromatography is a method for separating mixtures by passing the sample 
through a stationary material. The instrument is called a chromatograph. 
Different components of the mixture travel at different rates. After the separation, 
the time that component took to emerge from the instrument (or its location within 
the stationary phase) is found with a detector. The result is a chromatogram 
like the one shown below. The identity of an unknown peak is found by 
comparing its location on the chromatogram to standards. The concentration of 
a component is found from signal strength or peak area by comparison to 
calibration curves of known concentrations. 
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In paper chromatography and thin layer chromatography (TLC), the sample 
rises up by capillary action through a solid phase. 


In gas chromatography (GC), the sample is vaporized and forced through a 
column filled with a packing material. GC is often used to separate and determine 
the concentration of low molecular weight volatile organic compounds. 


In liquid chromatography (LC), the sample is a liquid. Itis either allowed to 
seep through an open column using the force of gravity or it is forced through a 
closed column under pressure. The variations of liquid chromatography depend 
on the identity of the packing material. For example, an ion-exchange liquid 
chromatograph contains a material with a charged surface. The mixture 
components with the opposite charge interact with this packing material and 
spend more time in the column. LC is often used to separate large organic 
polymers like proteins. 
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Skill 2.2 Identifying uncertainties in measurement 


A large proportion of errors in research and engineering as well as in the 
classroom are due to treating units as if they were not part of the number. In all 
scientific disciplines, it is essential that a unit be associated with every value in 
every calculation unless the value is a dimensionless quantity. On September 
23, 1999, NASA's $125 million Mars Climate Orbiter was lost because of a data 
transfer where units were not included as part of the number. Most students first 
learn the importance of associating numbers with units in their high school 
chemistry class. 


SI units 


SI is an abbreviation of the French Système International d'Unités or the 
International System of Units. It is the most widely used system of units in the 
world and is the system used in science. 


The use of many SI units in the United States is increasing outside of science 
and technology. There are two types of SI units: base units and derived units. 
The base units are: 


Quantity Unit name | Symbol 
Length meter m 

Mass kilogram kg 
Amount of substance | mole mol 
Time second S 
Temperature kelvin K 
Electric current ampere A 
Luminous intensity candela cd 


Amperes and candelas are rarely used in chemistry. The name "kilogram" 
occurs for the SI base unit of mass for historical reasons. Derived units are 
formed from the kilogram, but appropriate decimal prefixes are attached to the 
word "gram." 
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Derived units measure a quantity that may be expressed in terms of other 


units. The derived units important for chemistry are: 


Expression in 


Derived quantity Unit name terms ofrotherufits Symbol 
Area square meter m 
oE cubic meter m? m 
liter dm? = 10™ m Lorl 
Mass unified atomic mass unit  |(6.022X10”y7 g u or Da 
minute 60 s min 
Time hour 60 min = 3600 s h 
day 24 h = 86400 s d 
Speed meter per second m/s 
Acceleration meter per second squared |m/s7 
Temperature* degree Celsius K °C 
Mass density gram per liter g/L=1 kg/m? 
Amount-of-substance » [molar moli M 
concentration (molarity) 
Molality? molal mol/kg m 
Chemical reaction rate [molar per second? M/s = mol/(Les) 
Force newton mekg/s7 N 
Sere pascal N/m? = kg/(mes?) Pa 
standard atmosphere® 101325 Pa atm 


Energy, Work, Heat 


joule 


Nem = mPa = m’ekg/s* 


nutritional calorie® 4184 J Cal 
Heat (molar) joule per mole J/mol 
Heat capacity, entropy — |joule per kelvin JIK 
Peat eabaciy: Umoran; joule per mole kelvin J/(moleK) 
entropy (molar) 
Specific heat joule per kilogram kelvin |J/(kg°K) 
Power watt J/s W 
Electric charge coulomb seA C 
Electric potential, volt W/A V 
electromotive force 
Viscosity pascal second Paes 
Surface tension newton per meter N/m 


*Temperature differences in kelvin are the same as those differences in degrees 
Celsius. To obtain degrees Celsius from Kelvin, subtract 273.15. 

"Molarity is considered to be an obsolete unit by some physicists. 

*Molality, m, is often considered obsolete. Differentiate m and meters (m) by 


context. 


SThese are commonly used non-SI units. 
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Decimal multiples of SI units are formed by attaching a prefix directly before the 
unit and a symbol prefix directly before the unit symbol. SI prefixes range from 
10°** to 10%. Only the prefixes you are likely to encounter in chemistry are 
shown below: 


Factor Prefix Symbol Factor Prefix Symbol 
10° giga— G 107 deci— d 
10° mega— M 10° centi— c 
10° kilo— k 10° milli— m 
10° hecto— h 10° micro— u 
10t deca— da 10° nano— n 
107%? pico— p 


Example: 0.0000004355 meters is 4.355 x 10” m or 435.5 x 10° m. This length 
is also 435.5 nm or 435.5 nanometers. 


Example: 


Solution: 


Example: 


Find a unit to express the volume of a cubic crystal that is 0.2 mm on 
each side so that the number before the unit is between 1 and 1000. 


Volume is length x width x height, so this volume is (0.0002 m)? or 8 x 
10-** m’. Conversions of volumes and areas using powers of units of 
length must take the power into account. Therefore: 


1m? =10° dm? =10° cm? =10° mm? = 10" um?, 


The length 0.0002 m is 2 x 10° um, so the volume is also 8 x 10° um?. 
This volume could also be expressed as 8 x 10° mm?, but none of 


these numbers is between 1 and 1000. 


Expressing volume in liters is helpful in cases like these. There is no 
power on the unit of liters, therefore: 


1L=10° mL =10° uL=10° nL. 
Converting cubic meters to liters gives 


3 
8x10 mê x A L 


mê 


=8x10°L. 


The crystal's volume is 8 nanoliters (8 nL). 


Determine the ideal gas constant, R, in Leatm/(moleK) from its SI value 
of 8.3144 J/(moleK). 


Solution: One joule is equal to one mĉ°»Pa (see the table of SI units). 


8.3144 
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Significant figures 
Significant figures or significant digits are the digits indicating the precision 
of a measurement. There is uncertainty only in the last digit. 


Example: You measure an object with a ruler marked in millimeters. The reading 
on the ruler is found to be about 2/3 of the way between 12 and 13 mm. What 
value should be recorded for its length? 


Solution: Recording 13 mm does not give all the information that you found. 
. 2 ORES ; . 
Recording 12 3 mm implies that an exact ratio was determined. 


Recording 12.666 mm gives more information than you found. A value 
of 12.7 mm or 12.6 mm should be recorded because there is 
uncertainty only in the last digit. 


There are five rules for determining the number of significant digits in a 
quantity. 


1) All nonzero digits are significant and all zeros between nonzero digits are 


significant. 


Example: 4.521 kJ and 7002 u both have four significant digits. 


2) Zeros to the left of the first nonzero digit are not significant. 


Example: 0.0002 m contains one significant digit. 


3) Zeros to the right of a non-zero digit and the decimal point are significant 
figures. 


Example: 32.500 g contains five significant digits. 


4) The significance of numbers ending in zeros that are not to the right of the 
decimal point can be unclear, so this situation should be avoided by 
using scientific notation or a different decimal prefix. Sometimes a 
decimal point is used as a placeholder to indicate the units-digit is 
significant. A word like "thousand" or "million" may be used in informal 
contexts to indicate the remaining digits are not significant. 
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Example: 12000 Pa would be considered to have five significant digits by 
many scientists, but in the sentence, "The pressure rose from 11000 Pa to 
12000 Pa," it almost certainly only has only two. "12 thousand Pa" only has 
two significant digits, but 12000. Pa has five, indicated by the decimal point. 
The value should be represented as 1.2 x 10* Pa (or 1.2000 x 10* Pa). The 
best alternative would be to use 12 kPa or 12.000 kPa. 


5) Exact numbers have no uncertainty and contain an infinite number of 
significant digits. These relationships are definitions. They are not 
measurements. 


Example: There are exactly 1000 L in one cubic meter. 
There are four rules for rounding off significant digits:. 


1) If the leftmost digit to be removed is a four or less, then round down. The 
last remaining digit stays as it was. 
Example: Round 43.4 g to two significant digits. Answer: 43 g. 


2) If the leftmost digit to be removed is a six or more, then round up. The last 
remaining digit increases by one. 
Example: Round 6.772 g to two significant digits. Answer: 6.8 g. 


3) If the leftmost digit to be removed is a five that is followed by nonzero 
digits, then round up. The last remaining digit increases by one. 
Example: Round 18.502 g to two significant digits. Answer 19 g. 


4) If the leftmost digit to be removed is a five followed by nothing or by only 
zeros, then force the last remaining digit to be even. If it is odd then round 
up by increasing it by one. If it is even (including zero) then it stays as it 
was. Examples: Round 18.50 g and 19.5 g to two significant digits. 
Answers: 18.50 g rounds to 18 g and 19.5 g rounds to 20 g. 
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There are three rules for calculating with significant figures. 


1) For multiplication or division, the result has the same number of significant 
digits as the term with the least number of significant digits. 


Example: What is the volume of a compartment in the shape of a 
rectangular prism 1.2 cm long, 2.4 cm high and 0.9 cm deep? 


Solution: Volume = length x height x width. 


Volume = 1.2 cm x 2.4 cm x 0.9 cm = 2.592 cm (as read on a calculator) 
Round to one digit because 0.9 cm has only one significant digit. 
Volume = 3 cm? 


2) For addition or subtraction, the result has the same number of digits after 
the decimal point as the term with the least number of digits after the 
decimal point. 

Example: Volumes of 250.0 mL, 26 uL, and 4.73 mL are added toa 
flask. What is the total volume in the flask? 


Solution: Only identical units may be added to each other, so 26 uL is 
first converted to 0.026 mL. 


Volume = 250.0 mL + 0.026 mL + 4.73 mL = 254.756 mL (calculator value) 
Round to one digit after the decimal because 250.0 mL has only one digit 
after the decimal. Volume = 254.8 mL. 


3) For multi-step calculations, maintain all significant digits when using a 
calculator or computer and round off the final value to the appropriate 
number of significant digits after the calculation. When calculating by 
hand or when writing down an intermediate value in a multi-step 
calculation, maintain the first non-significant digit. In this text, non- 
significant digits in intermediate calculations are shown in italics except in 
the examples for the two rules above. 
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Precision and Accuracy 


A measurement is precise when individual measurements of the same quantity 
agree with one another. A measurement is accurate when they agree with 
the true value of the quantity being measured. An accurate measurement is 
valid. We get the right answer. A precise measurement is reproducible. We 
get a similar answer each time. These terms are related to sources of error ina 
measurement. 


Precise measurements are near the arithmetic mean of the values. The 
arithmetic mean is the sum of the measurements divided by the number of 
measurements. The mean is commonly called the average. It is the best 
estimate of the quantity. 


Random error results from limitations in equipment or techniques. Random 
error decreases precision. Remember that all measurements reported to 
proper number of significant digits contain an imprecise final digit to reflect 
random error. 


Systematic error results from imperfect equipment or technique. Systematic 
error decreases accuracy. Instead of a random error with random fluctuations, 
there is a biased result that on average is too large or small. 


Skill 2.3 Evaluating the accuracy and precision of a measurement ina 
given situation 


A measurement is precise when individual measurements of the same quantity 
agree with one another. For example, three arrows that land very close to each 
other on a target are precise. A measurement is accurate when it agrees with 
the true value of the quantity being measured. As an example, an arrow that 
lands on or near the bull’s-eye is accurate. An accurate measurement is valid. 
We get the right answer. Measurements can be both accurate and precise. A 
precise measurement is reproducible. We get a similar answer each time. 
These terms are related to sources of error in a measurement. Precise 
measurements are near the arithmetic mean of the values. 
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Skill 2.4 Identifying procedures and sources of information related to 
the safe use, storage, and disposal of materials and equipment 
related to chemistry investigations 


For Use and storage see Skill 2.5 and 2.6. 


Disposal of chemical waste 


Schools are regulated by the Environmental Protection Agency, as well as state 
and local agencies, when it comes to disposing of chemical waste. Check with 
your state science supervisor, local college or university environmental health 
and safety specialists, and the Laboratory Safety Workshop for advice on the 
disposal of chemical waste. The American Chemical Society publishes an 
excellent guidebook, Laboratory Waste Management, A Guidebook (1994). 


The following are basic guidelines for disposing of chemical waste. 


You may dispose of hazardous waste as outlined below. It is the responsibility of 
the generator to ensure hazardous waste does not end up in ground water, soil, 
or the atmosphere through improper disposal. 


1. Sanitary Sewer - Some chemicals (acids or bases) may be neutralized 
and disposed to the sanitary sewer. This disposal option must be 
approved by the local waste water treatment authority prior to disposal. 
This may not be an option for some small communities that do not have 
sufficient treatment capacity at the waste water treatment plant for these 
types of wastes. Hazardous waste may NOT be disposed of in this 
manner. This includes heavy metals. 


2. Household Hazardous Waste Facility - Waste chemicals may be 
disposed through a county household hazardous waste facility (HHW) or 
through a county contracted household hazardous waste disposal 
company. Not all counties have a program to accept waste from schools. 
Verify with your county HHW facility that they can handle your waste prior 
to making arrangements. 


3. Disposal Through a Contractor - A contractor may be used for disposal 
of waste chemicals. Remember that you must keep documentation of your 
hazardous waste disposal for at least three years. This information must 
include a waste manifest, reclamation agreement or any written record 
which describes the waste and how much was disposed, where it was 
disposed and when it was disposed. Waste analysis records must also be 
kept when it is necessary to make a determination of whether waste is 
hazardous. Any unknown chemicals should be considered 
hazardous! 
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Skill 2.5 Identifying hazards associated with laboratory practices and 
materials 


Disclaimer: The information presented is intended as a starting point for 
identification purposes only and should not be regarded as a comprehensive 
guide for recognizing hazardous substances and reactions. It is the responsibility 
of the readers of this book to obtain the required information about chemical 
hazards in their laboratory. 


Chemical storage plan for laboratories 


e Chemicals should be stored according to hazard class (ex. flammables, 
oxidizers, health hazards/toxins, corrosives, etc.). 

e Store chemicals away from direct sunlight or localized heat. 

e All chemical containers should be properly labeled, dated upon receipt, 
and dated upon opening. 

e Store hazardous chemicals below shoulder height of the shortest person 
working in the lab. 

e Shelves should be painted or covered with chemical-resistant paint or 
chemical-resistant coating. 

e Shelves should be secure and strong enough to hold chemicals being 
stored on them. Do not overload shelves. 

e Personnel should be aware of the hazards associated with all hazardous 
materials. 

e Separate solids from liquids. 


A list of substances judged to have an excessive risk compared to their 
educational utility is found here: 


http://www.qgovlink.org/hazwaste/publications/highrisktable. pdf 


Materials that react with air or water 


The risks of using these materials is considered to exceed their educational 
utility: 
e Picric acid (must be kept wet, explosive when dry) 
e Sodium metal (reacts with water, ignites in dry air) 
e Phosphorus (white form reacts with air. Red form becomes white upon 
heating) 


Extremely corrosive materials 


These materials should not be in high school laboratories. 
e Hydrofluoric acid (even dilute solutions cause adverse internal effects). 
e Perchloric acid (also causes explosive products) 
e Bromine 
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Highly toxic materials 


These materials should not be in high school laboratories. 
Carbon disulfide (also explosive) 

Cyanide compounds 

Benzene and toluene 

Mercury and mercury compounds 

Cadmium, chromium, and arsenic compounds 
Carbon tetrachloride and chloroform 


Recognize acid/base reactions and redox reactions 


Many hazardous reactions are simply acid/base reactions or redox reactions 
with concentrated, powerful reagents. 


Recognize the impact of reagent concentration on hazard level 
Recognize that a more dilute acid, base, oxidizer, or reducer presents a lower 


hazard level and requires a lower level of protection in the laboratory. 


Organic peroxides and peroxide-forming materials 


Organic peroxides have the general structure: R-O—O-R’, where R and/or R' 
are organic substituents. These compounds are very unstable and may self- 
react in a violent explosion when triggered by heat, impact, friction, light, or 
vibration. Benzoyl peroxide and other organic peroxides should not be present 
in high school chemistry labs. 


Peroxide-forming compounds are chemicals with the potential to form organic 
peroxides when they react with oxygen in the air (as the chemical is 
concentrated) and/or become vaporized either by erroneous boiling or over 
time by evaporation from a poorly sealed container. 
A peroxide-forming compound should be treated as a potential explosive and 
the local fire chief should be called if it: 

e Is discolored 

e Contains layering 

e Contains crystals 


Peroxide crystals may form within the threads of the cap, and the act of 
removing the cap may cause a fatal detonation. A bomb squad may be required. 
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Many high-risk peroxide-formers were used in high school chemistry in the 
past. In general, the risks of using the following materials is now thought to 
exceed their educational utility: 

e Nearly all ethers including diisopropyl ether (the highest risk peroxide- 
forming compound), ethyl ether, and methyl ether. 
Potassium metal (also reacts with water) 
Tetrohydrofuran (THF) 
Cyclohexene and cyclohexanol 
Dioxanes 


Several lower-risk peroxide-forming compounds are still commonly used in high 
schools. These materials should never be concentrated by boiling (i.e. 
distilled): 

e lsopropanol, 2-butanol, other secondary alcohols 

e Ethylene glycol 

e Acetaldehyde 


Below are examples of chemical groups that can be used to categorize storage. 
Use these groups as examples when separating chemicals for compatibility. 
Please note: reactive chemicals must be more closely analyzed since they have 
a greater potential for violent reactions. Contact Laboratory Safety if you have 
any questions concerning chemical storage. 


Acids 


«e Make sure that all acids are stored by compatibility (ex. separate 
inorganics from organics). 

e Store concentrated acids on lower shelves in chemical-resistant trays or in 
a corrosives cabinet. This will temporarily contain spills or leaks and 
protect shelving from residue. 

e Separate acids from incompatible materials such as bases, active metals 
(ex. sodium, magnesium, potassium) and from chemicals which can 
generate toxic gases when combined (ex. sodium cyanide and iron 
sulfide). 


Bases 
e Store bases away from acids. 
e Store concentrated bases on lower shelves in chemical-resistant trays or 


in a corrosives cabinet. This will temporarily contain spills or leaks and 
protect shelving from residue. 
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Flammables 


e Approved flammable storage cabinets should be used for flammable liquid 
storage. 

e You may store 20 gallons of flammable liquids per 100 sq.ft. in a properly 
fire separated lab. The maximum allowable quantity for flammable liquid 
storage in any size lab is not to exceed 120 gallons. 

«e You may store up to 10 gallons of flammable liquids outside of approved 
flammable storage cabinets. 

e An additional 25 gallons may be stored outside of an approved storage 
cabinet if it is stored in approved safety cans not to exceed 2 gallons in 
size. 

e Use only explosion-proof or intrinsically safe refrigerators and freezers for 
storing flammable liquids. 


Peroxide-Forming Chemicals 


e Peroxide-forming chemicals should be stored in airtight containers ina 
dark, cool, and dry place. 

e Unstable chemicals such as peroxide-formers must always be labeled with 
date received, date opened, and disposal/expiration date. 

e Peroxide-forming chemicals should be properly disposed of before the 
date of expected peroxide formation (typically 6-12 months after opening). 

e Suspicion of peroxide contamination should be immediately investigated. 
Contact Laboratory Safety for procedures. 


Water-Reactive Chemicals 


e Water-reactive chemicals should be stored in a cool, dry place. 

«e Do not store water-reactive chemicals under sinks or near water baths. 

e Class D fire extinguishers for the specific water-reactive chemical being 
stored should be made available. 


Oxidizers 


e Make sure that all oxidizers are stored by compatibility. 
e Store oxidizers away from flammables, combustibles, and reducing 
agents. 


Toxins 


e Toxic compounds should be stored according to the nature of the 
chemical, with appropriate security employed when necessary. 

e A "Poison Control Network" telephone number should be posted in the 
laboratory where toxins are stored. Color-coded labeling systems that may 
be found in your lab are shown below: 
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(Hazard | Color Code 


Flammables Red 


Health 
Hazards/Toxins 


Reactives/Oxidizers 


Contact Hazards 
General Storage Gray, Green, 
Orange 


Please Note: Chemicals with labels that are colored and striped may react with 
other chemicals in the same hazard class. See MSDS for more information. 
Chemical containers which are not color-coded should have hazard information 
on the label. Read the label carefully and store accordingly. 


Skill 2.6 Applying procedures for preventing accidents and dealing 
with emergencies. 


Disclaimer: The information presented below is intended as a starting point for 
identification purposes only and should not be regarded as a comprehensive 
guide for safety procedures in the laboratory. It is the responsibility of the 
readers of this book to consult with professional advisers about safety 
procedures in their laboratory. 


Handling liquids 


A beaker (below left) is a cylindrical cup with a notch at the top. Beakers are 
often used for making solutions. An Erlenmeyer flask (below center) is a conical 
flask. A liquid in an Erlenmeyer flask will evaporate more slowly than when it is 
in a beaker and it is easier to swirl about. A round-bottom flask (below-right) is 
also called a Florence flask. It is designed for uniform heating, but it requires a 
stand to keep it upright. 


A test tube has a rounded bottom and 
is designed to hold and to heat small 
volumes of liquid. A Pasteur pipet is 
a small glass tube with a long thin 
capillary tip and a latex suction bulb, 
and it is used for transferring small 
amounts of liquid from one contained 
to another. 
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A crucible is a cup-shaped container made of porcelain or metal for holding 
chemical compounds when heating them to very high temperatures. A watch 
glass is a concave circular piece of glass that is usually used as surface for 
evaporating a liquid and observing precipitates or crystallization. A Dewar flask 
is a double walled vacuum flask with a metallic coating to provide good thermal 
insulation. 


Fitting and cleaning glassware 


If a thermometer, glass tube, or funnel must be threaded through a stopper or a 
piece of tubing and it won't fit, either make the hole larger or use a smaller piece 
of glass. Use soapy water or glycerol to lubricate the glass before inserting it. 
Hold the glass piece as close as possible to the stopper during insertion. It's also 
good practice to wrap a towel around the glass and the stopper during this 
procedure. Never apply undue pressure. 


Glassware sometimes contains tapered ground-glass joints to allow direct 
glass-to-glass connections. A thin layer of joint grease must be applied when 
assembling an apparatus with ground-glass joints. Too much grease will 
contaminate the experiment, and too little will cause the components to become 
tightly locked together. Disassemble the glassware with a twisting motion 
immediately after the experiment is over. 


Cleaning glassware becomes more difficult with time, so it should be cleaned 
soon after the experiment is completed. Wipe off any lubricant with paper towel 
moistened in a solvent like hexane before washing the glassware. Use a brush 
with lab soap and water. Acetone may be used to dissolve most organic 
residues. Spent solvents should be transferred to a waste container for proper 
disposal. 


Heating 


A hot plate (shown below) is used to heat Erlenmeyer flasks, beakers and other 
containers with a flat bottom. Hot plates often have a built-in magnetic stirrer. 
A heating mantle has a hemispherical cavity that is used to heat round-bottom 
flasks. A Bunsen burner is designed to burn natural gas. Bunsen burners are 
useful for heating high-boiling point liquids, water, 
or solutions of non-flammable materials. 

They are also used for bending glass 

tubing. Smooth boiling is achieved by 

adding boiling stones to a liquid. 


Boiling and melting point determination re *. 
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The boiling point is determined by heating a liquid along with a boiling stone in 
a clamped test tube with a clamped thermometer positioned just above the liquid 
surface and away from the tube walls. The thermometer measures the 
temperature of the vapor above the liquid, which is at the same temperature as 
the liquid while boiling. The constant highest constant-value temperature reading 
after boiling is achieved is the boiling point. 


The melting point is determined by placing a pulverized solid in a capillary tube 
and using a rubber band to fasten the capillary to a thermometer so that the 
sample is at the level of the thermometer bulb. The thermometer and sample are 
inserted into a Thiele tube filled with mineral or silicon oil. The Thiele tube has a 
sidearm that is heated with a Bunsen burner to create a flow of hot oil. This flow 
maintains an even temperature during heating. The melting point is read when 
the sample turns into a liquid. Many electric melting point devices are also 
available that heat the sample more slowly to give more accurate results. These 
are also safer to use than a Thiele tube with a Bunsen burner. 


Eye protection 


Everyone present must wear eye protection whenever anyone in the laboratory 
is performing any of the following activities: 

1) Handling hazardous chemicals 

2) Handling laboratory glassware 

3) Using an open flame. 


Safety glasses do not offer protection from splashing liquids. Safety 
glasses appear similar to ordinary glasses and may be used in an environment 
that only requires protection from flying fragments. Safety glasses with side- 
shields offer additional protection from flying fragments approaching from the 
side. 


Safety goggles offer protection from both flying fragments and splashing liquids. 
Only safety goggles are suitable for eye protection where hazardous 
chemicals are used and handled. Safety goggles with no ventilation (type G) or 
with indirect ventilation (type H) are both acceptable. Goggles should be marked 
"Z87" to show they meet federal standards. 


Also see the eyewash section under "Facilities and Equipment." 
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Skin protection 


Wear gloves made of a material known to resist penetration by the chemical 
being handled. Check gloves for holes and the absence of interior 
contamination. Wash hands and arms and clean under fingernails after working 
in a laboratory. Wear a lab coat or apron. Wear footwear that completely covers 
the feet. 


Work habits 


Never work alone in a laboratory or storage area. 
Never eat, drink, smoke, apply cosmetics, chew gum or tobacco, or store 
food or beverages in a laboratory environment or storage area. 
Keep containers closed when they are not in use. 
Never pipet by mouth. 
Restrain loose clothing and long hair and remove dangling jewelry. 
Tape all Dewar flasks with fabric-based tape. 
Check all glassware before use. Discard if chips or star cracks are 
present. 
Never leave heat sources unattended. 
Do not store chemicals and/or apparatus on the lab bench or on the floor 
or aisles of the lab or storage room. 
Keep lab shelves organized. 
Never place a chemical, not even water, near the edges of a lab bench. 
Use a fume hood that is known to be in operating condition when working 
with toxic, flammable, and/or volatile substances. 
Never put your head inside a fume hood. 
Never store anything in a fume hood. 
Obtain, read, and be sure you understand the MSDS (see below) for each 
chemical that is to be used before allowing students to begin an 
experiment. 
Analyze new lab procedures and student-designed lab procedures in 
advance to identify any hazardous aspects. Minimize and/or eliminate 
these components before proceeding. Ask yourself these questions: 

o What are the hazards? 

o What are the worst possible things that could go wrong? 

o How will | deal with them? 

o What are the prudent practices, protective facilities and equipment 

necessary to minimize the risk of exposure to the hazards? 

Analyze close calls and accidents to eliminate their causes and prevent 
them from occurring again. 
Identify which chemicals may be disposed of in the drain by consulting the 
MSDS or the supplier. Clear one chemical down the drain by flushing with 
water before introducing the next chemical. 
Preplan for emergencies. 
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o Keep the fire department informed of your chemical inventory and 
its location. 

o Consult with a local physician about toxins used in the lab and 
ensure that your area is prepared in advance to treat victims of 
toxic exposure. 

o Identify devices that should be shut off if possible in an emergency. 

o Inform your students of the designated escape route and alternate 
route. 

Substitutions 


e When feasible, substitute less hazardous chemicals for chemicals with 
greater hazards in experiments. 

e Dilute substances when possible instead of using concentrated solutions. 

e Use lesser quantities instead of greater quantities in experiments when 
possible. 

e Use films, videotapes, computer displays, and other methods rather than 
experiments involving hazardous substances. 


Chemical purchase, use, and disposal 


e Inventory all chemicals on hand at least annually. Keep the list up-to-date 
as chemicals are consumed and replacement chemicals are received. 

e |f possible, limit the purchase of chemicals to quantities that will be 
consumed within one year and that are packaged in small containers 
suitable for direct use in the lab without transfer to other containers. 

e Label all chemicals to be stored with date of receipt or preparation and 
have labels initialed by the person responsible. 

e Generally, bottles of chemicals should not remain: 

o Unused on shelves in the lab for more than one week. Move these 
chemicals to the storeroom or main stockroom. 

o Unused in the storeroom near the lab for more than one month. 
Move these chemicals to the main stockroom. 

o Inthe main stockroom unused for more than one year. Properly 
dispose of any out-dated chemicals. 

e Ensure that the disposal procedures for waste chemicals conform to 
environmental protection requirements. 

e Do not purchase or store large quantities of flammable liquids. Fire 
department officials can recommend the maximum quantities that may be 
kept on hand. 

e Never open a chemical container until you understand the label and the 
relevant portions of the MSDS. 
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Label information 


Chemical labels contain safety information in four parts: 

1) There will be a signal word. From most to least potentially dangerous, this 
word will be "Danger!" "Warning!" or "Caution." 

2) Statements of hazard (e.g., "Flammable," "May Cause Irritation") follow 
the signal word. Target organs may be specified. 

3) Precautionary measures are listed such as "Keep away from ignition 
sources" or "Use only with adequate ventilation." 

A) First aid information is usually included, such as whether to induce 
vomiting and how to induce vomiting if the chemical is ingested. 


Chemical hazard pictorial 
Fire Several different pictorials are used on labels 
(red) to indicate the level of a chemical hazard. 
The most common is the "fire diamond” 
NFPA (National Fire Prevention 
Health Reactivity Association) pictorial shown at left. A zero 
(blue) (yellow) indicates a minimal hazard and a four 
indicates a severe risk. Special information 
includes if the chemical reacts with water, 


Special OX for an oxidizer, COR ACID for a 
Information corrosive acid, and COR ALK for a corrosive 
(white) base. The "Health" hazard level is for acute 


toxicity only. 


Pictorials are designed for quick reference in emergency situations, but they 
are also useful as minimal summaries of safety information for a chemical. They 
are not required on chemicals you purchase, so it's a good idea to add a label 
pictorial to every chemical you receive if one is not already present. The 
entrance to areas where chemicals are stored should carry a fire diamond 
label to represent the materials present. 


Procedures for flammable materials: minimize fire risk 


The vapors of a flammable liquid or solid may travel across the room to an 
ignition source and cause a fire or explosion. 
e Store flammables in an approved safety cabinet for flammable liquids. 
Store in safety cans if possible. 
e Minimize volumes and concentrations used in an experiment with 
flammables. 
e Minimize the time containers are open. 
e Minimize ignition sources in the laboratory. 
e Ensure that there is good air movement in the laboratory before the 
experiment. 
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e Check the fire extinguishers and be certain that you know how to use 
them. 

e Tell the students that the "Stop, Drop, and Roll" technique is best for a 
clothing fire outside the lab, but in the lab they should walk calmly to the 
safety shower and use it. Practice this procedure with students in drills. 

e A fire blanket should not be used for clothing fires because clothes often 
contain polymers that melt onto the skin. Pressing these fabrics into the 
skin with a blanket increases burn damage. 

e |f a demonstration of an exploding gas or vapor is performed, it should be 
done behind a safety shield using glass vessels taped with fabric tape. 


Procedures for corrosive materials: minimize risk of contact 


Corrosive materials destroy or permanently change living tissue through 
chemical action. Irritants cause inflammation due to an immune response but 
not through chemical action. The effect is usually reversible but can be severe 
and long lasting. Sensitizers are irritants that cause no symptoms after the first 
exposure but may cause irritation during a later exposure to the same ora 
different chemical. 


e Always store corrosives below eye level. 

e Only diluted corrosives should be used in pre-high school laboratories and 
their use at full-strength in high school should be limited. 

e Dilute corrosive materials by slowly and carefully adding them to water. 
Adding water to a concentrated acid or base can cause rapid boiling and 
splashing. 

e Wear goggles and face shield when handling hazardous corrosives. The 
face, ears, and neck should be protected. 

e Wear gloves known to be impervious to the chemical. Wear sleeve 
gauntlets and a lab apron made of impervious material if splashing is 
likely. 

e Always wash your hands after handling corrosives. 

e Splashes on skin should be flushed with flowing water for 15 minutes 
while a doctor is called. 

e Ifa corrosive material is splashed on their clothing: 

o First use the safety shower with clothing on. 

o Remove all clothing while under the safety shower including shoes 
and socks. This is no time for modesty. 

o Stay under the shower for 15 minutes while a doctor is called. 

e Splashes in eyes should be dealt with as follows: 

o Goto the eyewash fountain within 30 seconds. 

o Have someone else hold their eyelids open with thumb and 
forefinger and use the eyewash. 
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o Continuously move their eyeballs during 15 minutes of rinsing to 
cleanse the optic nerve at the back of the eye. A doctor should be 
called. 


Procedures for toxic materials: minimize exposure 


Toxic effects are either chronic or acute. Chronic effects are seen after 
repeated exposures or after one long exposure. Acute effects occur within a few 
hours at most. 


Use the smallest amount needed at the lowest concentration for the 

shortest period of time possible. Weigh the risks against the educational 

benefits. 

Be aware of the five different routes of exposure 

1) Inhalation -- the ability to smell a toxin is not a proper indication of 
unsafe exposure. Work in the fume hood when using toxins. Minimize 
dusts and mists by cleaning often, cleaning spills rapidly, and 
maintaining good ventilation in the lab. 

2) Absorption through intact skin -- always wear impervious gloves if the 
MSDS indicates this route of exposure. 

3) Ingestion 

4) Absorption through other body orifices such as ear canal and eye 
socket. 

5) Injection by a cut from broken contaminated glassware or other sharp 
equipment. 

Be aware of the first symptoms of overexposure described by the MSDS. 

Often these are headache, nausea, and dizziness. Get to fresh air and do 

not return until the symptoms have passed. If the symptom returns when 

you come back into the lab, contact a physician and have the space 

tested. 

Be aware of whether vomiting should be induced in case of ingestion 

Be aware of the recommended procedure in case of unconsciousness. 


Procedures for reactive materials: minimize incompatibility 


Many chemicals are self-reactive. For example, they explode when dried out or 
when disturbed under certain conditions or they react with components of air. 
These materials generally should not be allowed into the high school. Other 
precautions must be taken to minimize reactions between incompatible pairs. 


Store fuels and oxidizers separately. 

Store reducing agents and oxidizing agents separately. 

Store acids and bases separately. 

Store chemicals that react with fire-fighting materials (i.e., water or carbon 
dioxide) under conditions that minimize the possibility of a reaction if a fire 
is being fought in the storage area. 

MSDSs list other incompatible pairs. 
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e Never store chemicals in alphabetical order by name. 
e When incompatible pairs must be supplied to students, do so under direct 
supervision with very dilute solutions and/or small quantities. 


Material Safety Data Sheet (MSDS) information 


Many chemicals have a mixture of toxic, corrosive, flammable, and reactive risks. 
The Material Safety Data Sheet or MSDS for a chemical contains detailed 
safety information beyond that presented on the label. This includes acute and 
chronic health effects, first aid and firefighting measures, what to do in case of a 
spill, and ecological and disposal considerations. 


The MSDS will state whether the chemical is a known or suspected carcinogen, 
mutagen, or teratogen. A carcinogen is a compound that causes cancer 
(malignant tumors). A mutagen alters DNA with the potential effects of causing 
cancer or birth defects in children not yet conceived. A teratogen produces birth 
defects and acts during fetal development 


There are many parts of an MSDS that are not written for the layperson. Their 
level of detail and technical content may be difficult for many people outside the 
fields of toxicology and industrial safety to understand. In a high school 
chemistry lab, the value of an MSDS is in the words and not in the numerical 
data it contains, but some knowledge of the numbers is useful for comparing the 
dangers of one chemical to another. Numerical results of animal toxicity studies 
are often presented in the form of LDs9 values. These represent the dose 
required to kill 50% of animals tested. 


Exposure limits via inhalation may be presented in three ways: 


1) PEL (Permissible Exposure Limit) or TLV-TWA (Threshold Limit Value- 
Time Weighted Average). This is the maximum permitted concentration of 
the airborne chemical in volume parts per million (ppm) for a worker 
exposed 8 hours daily. 

2) TLV-STEL (Threshold Limit Value-Short Term Exposure Limit). This is the 
maximum concentration permitted for a 15-minute exposure period. 

3) TLV-C (Threshold Limit Value-Ceiling). This is the concentration that 
should never be exceeded at any moment. 


http://hazard.com/msds/index.php contains a large database of MSDSs. 


http://www. ilpi.com/msds/ref/demystify.html contains a useful "MSDS 
demystifier.". Cut and paste an MSDS into the web page, and hypertext links will 


appear to a glossary of terms. 
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Facilities and equipment 


Use separate labeled containers for general trash, broken glass, and for 
each type of hazardous chemical waste—ignitable, corrosive, reactive, 
and toxic. 

Keep the floor area around safety showers, eyewash fountains, and fire 
extinguishers clear of all obstructions. 

Never block escape routes. 

Never prop open a fire door. 

Provide safety guards for all moving belts and pulleys. 

Instruct everyone in the lab on the proper use of the safety shower and 
eyewash fountain (see corrosive materials above). Most portable 
eyewash devices cannot maintain the required flow for 15 minutes. A 
permanent eyewash fountain is preferred. 

If contamination is suspected in the breathing air, arrange for sampling to 
take place. 

Regularly inspect fire blankets, if present, for rips and holes. Maintain a 
record of inspection. 

Regularly check safety showers and eyewash fountains for proper rate of 
flow. Maintain a record of inspection. 

Keep up-to-date emergency phone numbers posted next to the telephone. 
Place fire extinguishers near an escape route. 

Regularly maintain fire extinguishers and maintain a record of inspection. 
Arrange with the local fire department for training of teachers and 
administrators in the proper use of extinguishers. 

Regularly check fume hoods for proper airflow. Ensure that fume hood 
exhaust is not drawn back into the intake for general building ventilation. 
Secure compressed gas cylinders at all times and transport them only 
while secured on a hand truck. 

Restrict the use and handling of compressed gas to those who have 
received formal training. 

Install chemical storage shelves with lips. Never use stacked boxes for 
storage instead of shelves. 

Only use an explosion-proof refrigerator for chemical storage. 

Have appropriate equipment and materials available in advance for spill 
control and cleanup. Consult the MSDS for each chemical to determine 
what is required. Replace these materials when they become outdated. 
Provide an appropriate supply of first aid equipment and instruction on its 
proper use. 
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Additional comments: teach safety to students 


Weigh the risks and benefits inherent in lab work, inform students of the 
hazards and precautions involved in their assignment, and involve 
students in discussions about safety before every assignment. 

If an incident happens, it can be used to improve lab safety via student 
participation. Ask the student involved. The student's own words about 
what occurred should be included in the report. 

Safety information supplied by the manufacturer on a chemical container 
should be seen by students who actually use the chemical. If you 
distribute chemicals in smaller containers to be used by students, copy the 
hazard and precautionary information from the original label onto the 
labels for the students’ containers. Students interested in graphic design 
may be able to help you perform this task. Labels for many common 
chemicals may be found here: http://beta.ehs.cornell.edu/labels/cgi- 
bin/label_selection.pl 

Organize a student safety committee whose task is to conduct one safety 
inspection and present a report. A different committee may be organized 
each month or every other month. 


Additional comments: general 


Any chemical can be hazardous. The way it is used determines the 
probability of harm. 

Every person is individually and personally responsible for the safe use of 
chemicals. 

If an accident might happen, it will eventually happen. Proper precautions 
will ensure the consequences are minimized when it does occur. 
Accidents are often predicted by one or more close calls in which nobody 
is injured and no property is damaged but something out of the ordinary 
occurs. Examples might be a student briefly touching a hot surface and 
saying "Ouch!" with no injury, two students engaged in horseplay, or a 
student briefly removing safety goggles to read a meniscus level. 
Eliminate the cause of a close call to prevent a future accident. 


Also see: 


http://www.labsafety.org/40steps.htm, 
http://www. flinnsci.com/Sections/Safety/safety.asp, 
and various American Chemical Society safety publications. 
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COMPETENCY 3.0 UNDERSTAND THE NATURE OF SCIENTIFIC THOUGHT, 
INQUIRY, AND HISTORY 


Skill 3.1 Demonstrating knowledge of the reliance of scientific 
investigations on empirical data, verifiable evidence and 
logical reasoning 


Scientific investigation involves an interplay between theorization, prediction and 
empirical testing. Ideally, scientists base their perception of the validity of a 
particular theory or hypothesis upon its conformity with empirical data, verifiable 
evidence and logical reasoning. Although this ideal view does not account for the 
turbulent history of physical science and physical theories, it is a roughly stated 
standard for a reasonable approach to science. 


Empirical data 


Since scientific theories attempt to present causal explanations for physical 
phenomena, naturally they must comport with observations of the world. Even 
the most elegant theory is not considered helpful if it does not provide an ability 
to explain or predict physical events. A theory that is able to make an accurate 
prediction of some instance of a physical phenomenon, or one that is able to 
provide a foundation for the explanation of the phenomenon, is a theory that has 
some apparent value for gaining a greater understanding of the world. As such, 
theories and hypotheses must be in accord with the reality of the world, anda 
scientific investigation must ultimately, if not immediately, seek to compare the 
implications of the theory or hypothesis with empirical data. 


Verifiable evidence 


Many new discoveries in science are built upon a foundation of the work of 
numerous scientists. Ideally, then, openness concerning the results and methods 
of an investigation is important for further expanding the general knowledge of 
the way the world works. To this end, and to the end of avoiding the propagation 
of mistaken or fraudulent scientific claims, it is important that a new claim or 
theory be independently verifiable. Therefore, the evidence used to support a 
claim should be repeatable by others. Ideally, such a system helps scientists to 
weed out incorrect claims and invalid theories and to pursue more fruitful 
investigations by providing a sound basis for future investigations. 
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Logical reasoning 


Facts do not speak for themselves; they must be interpreted. As a result, it is 
important that a scientific investigation use a rational, logical approach both to 
the evidence that is collected during a scientific investigation and to the 
theorization that precedes or follows the investigation. Difficult problems often 
arise in science, especially when empirical evidence contrary to a theory is 
discovered. Scientists must decide whether to reject the evidence as somehow 
incorrect, to dismiss part of the theory or to dismiss the entire theory. Evidence 
that supports the theory must likewise be evaluated to determine both its relative 
value and how well it establishes certain parts of the theory. Since theories and 
hypotheses deal in general terms and empirical evidence deals in particular 
facts, scientific investigations must carefully and rationally judge the relationships 
between the particulars of empirical data and the general, universal theories or 
hypotheses under consideration. 


Skill 3.2 Recognizing the effect of researcher bias on scientific 
investigations and the interpretation of data 


See Skill 1.4. 


Skill 3.3 Demonstrating an awareness of the contributions made to 
chemistry by individuals of diverse backgrounds and different 
time periods 


Development of Modern Chemistry 


Chemistry emerged from two ancient roots: craft traditions and philosophy. The 
oldest ceramic crafts (i.e., pottery) known are from roughly 10000 BC in Japan. 
Metallurgical crafts in Eurasia and Africa began to develop by trial and error 
around 4000-2500 BC resulting in the production of copper, bronze, iron, and 
steel tools. Other craft traditions in brewing, tanning, and dyeing led to many 
useful empirical ways to manipulate matter. 


Ancient philosophers in Greece, India, China, and Japan speculated that all 
matter was composed of four or five elements. The Greeks thought that these 
were: fire, air, earth, and water. Indian philosophers and the Greek Aristotle 
also thought a fifth element—"aether" or "quintessence"—filled all of empty 
space. The Greek philosopher Democritus thought that matter was composed of 
indivisible and indestructible atoms. These concepts are now known as classical 
elements and classical atomic theory. 
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Before the emergence of the scientific method, attempts to understand matter 
relied on alchemy: a mixture of mysticism, best guesses, and supernatural 
explanations. Goals of alchemy were the transmutation of other metals into gold 
and the synthesis of an elixir to cure all diseases. Ancient Egyptian alchemists 
developed cement and glass. Chinese alchemists developed gunpowder in the 
800s AD. 


During the height of European alchemy in the 1300s, the philosopher William of 
Occam proposed the idea that when trying to explain a process or develop a 
theory, the simplest explanation with the fewest variables is best. This is known 
as Occam's Razor. European alchemy slowly developed into modern chemistry 
during the 1600s and 1700s. This began to occur after Francis Bacon and 
René Descartes described the scientific method in the early 1600s. 


Robert Boyle was educated in alchemy in the mid-1600s, but he published a 
book called The Skeptical Chemist that attacked alchemy and advocated using 
the scientific method. He is sometimes called the founder of modern chemistry 
because of his emphasis on proving a theory before accepting it, but the birth of 
modern chemistry is usually attributed to Lavoisier. Boyle rejected the 4 classical 
elements and proposed the modern definition of an element. Boyle's law states 
that gas volume is proportional to the reciprocal of pressure. 


Blaise Pascal in the mid-1600s determined the relationship between pressure 
and the height of a liquid in a barometer. He also helped to establish the 
scientific method. The SI unit of pressure is named after him. 


Isaac Newton studied the nature of light, the laws of gravity, and the laws of 
motion around 1700. The SI unit of force is named after him. 


Daniel Bernoulli proposed the kinetic molecular theory for gases in the early 
1700s to explain the nature of heat and Boyle's Law. At that time, heat was 
thought to be related to the release of a substance called phlogiston from 
combustible material. 


James Watt created an efficient steam engine in the 1760s-1780s. Later 
chemists and physicists would develop the theory behind this empirical 
engineering accomplishment. The SI unit of power is named after him. 


Joseph Priestley studied various gases in the 1770s. He was the first to 
produce and drink carbonated water, and he was the first to isolate oxygen 
from air. Priestley thought oxygen was air with its normal phlogiston removed so 
it could burn more fuel and accept more phlogiston than natural air. 


Antoine Lavoisier is called the father of modern chemistry because he 
performed quantitative, controlled experiments. He carefully weighed material 
before and after combustion to determine that burning objects gain weight. 
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Lavoisier formulated the rule that chemical reactions do not alter total mass after 
finding that reactions in a closed container do not change weight. This disproved 
the phlogiston theory, and he named Priestley's substance oxygen. He 
demonstrated that air and water were not elements. He defined an element as 
a substance that could not be broken down further. He published the first 
modern chemistry textbook, Elementary Treatise of Chemistry. Lavoisier was 
executed in the Reign of Terror at the height of the French Revolution. 


Additional Gas Laws in the 1700s and 1800s 
These contributions built on the foundation developed by Boyle in the 1600s. 


Jacque Charles developed Charles's law in the late 1700s. This states that gas 
volume is proportional to absolute temperature. 


William Henry developed the law stating that gas solubility in a liquid is 
proportional to the pressure of gas over the liquid. This is known as Henry's 
Law. 


Joseph Louis Gay-Lussac developed the gas law stating that gas pressure is 
directly proportional to absolute temperature. He also determined that 2 volumes 
of hydrogen react with one of oxygen to produce water and that other reactions 
occurred with similar simple ratios. These observations led him to develop the 
Law of Combining Volumes. 


Amedeo Avogadro developed the hypothesis that equal volumes of different 
gases contain an equal numbers of molecules if the gases are at the same 
temperature and pressure. The proportionality between volume and number of 
moles is called Avagadro's Law, and the number of molecules in a mole is 
called Avagadro's Number. Both were posthumously named in his honor. 


Thomas Graham developed Graham's Law of effusion and diffusion in the 
1830s. He is called the father of colloid chemistry. 


Electricity and Magnetism in the 1700s and 1800s 


Benjamin Franklin studied electricity in the mid-1700s. He developed the 
concept of positive and negative electrical charges. His most famous experiment 
showed that lightning is an electrical process. 


Luigi Galvani discovered bioelectricity. In the late 1700s, he noticed that the 
legs of dead frogs twitched when they came into contact with an electrical 
source. 


In the late 1700s, Charles Augustin Coulomb derived mathematical equations 
for attraction and repulsion between electrically charged objects. 


CHEMISTRY 48 


TEACHER CERTIFICATION STUDY GUIDE 


Alessandro Volta built the first battery in 1800 permitting future research and 
applications to have a source of continuous electrical current available. The SI 
unit of electric potential difference is named after him. 


André-Marie Ampère created a mathematical theory in the 1820s for magnetic 
fields and electric currents. The SI unit of electrical current is named after him. 


Michael Faraday is best known for work in the 1820s and 1830s establishing that 
a moving magnetic field induces an electric potential. He built the first 
dynamo for electricity generation. He also discovered benzene, invented 
oxidation numbers, and popularized the terms electrode, anode, and cathode. 
The SI unit of electrical capacitance is named in his honor. 


James Clerk Maxwell derived the Maxwell Equations in 1864. These 
expressions completely describe electric and magnetic fields and their 
interaction with matter. Also see Ludwig Boltzmann below for Maxwell's 
contribution to thermodynamics. 


Nineteenth Century Chemistry: Caloric Theory and Thermodynamics 


Lavoisier proposed in the late 18" century that the heat generated by 
combustion was due to a weightless material substance called caloric that 
flowed from one place to another and was never destroyed. 


In 1798, Benjamin Thomson, also known as Count Rumford measured the 
heat produced when cannon were bored underwater and concluded that caloric 
was not a conserved substance because heat could continue to be generated 
indefinitely by this process. 


Sadi Carnot in the 1820s used caloric theory in developing theories for the heat 
engine to explain the engine already developed by Watt. Heat engines perform 
mechanical work by expanding and contracting a piston at two different 
temperatures. 


In the 1820s, Robert Brown observed dust particles and particles in pollen grains 
moving in a random motion. This was later called Brownian motion. 


Germain Henri Hess developed Hess's Law in 1840 after studying the heat 
required or emitted from reactions composed of several steps. 


James Prescott Joule determined the equivalence of heat energy to mechanical 
work in the 1840s by carefully measuring the heat produced by friction. Joule 
attacked the caloric theory and played a major role in the acceptance of kinetic 
molecular theory. The SI unit of energy is named after him. 
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William Thomson, 1° Baron of Kelvin also called Lord Kelvin recognized the 
existence of absolute temperature in the 1840s and proposed the temperature 
scale named after him. He failed in an attempt to reconcile caloric theory with 
Joule's discovery and caloric theory began to fall out of favor. 


Hermann von Helmholtz in the 1840s proposed that energy is conserved 
during physical and chemical processes, not heat as proposed in caloric theory 


Rudolf Clausius in the 1860s introduced the concept of entropy. 


In the 1870s, Ludwig Boltzmann generalized earlier work by Maxwell solving the 
velocity or energy distribution among gas molecules. Maxwell's contribution 
to electromagnetism is described above. 


Johannes van der Waals in the 1870s was the first to consider intermolecular 
attractive forces in modeling the behavior of liquids and non-ideal gases. 


Francois Marie Raoult studied colligative properties in the 1870s. He developed 
Raoult's Law relating solute and solvent mole fraction to vapor pressure 
lowering. 


Jacobus van’t Hoff was the first to fully describe stereoisomerism in the 1870s. 
He later studied colligative properties and the impact of temperature on 
equilibria. 


Josiah Willard Gibbs studied thermodynamics and statistical mechanics in the 
1870s. He formulated the concept now called Gibbs free energy that will 
determine whether or not a chemical process at constant pressure will 
spontaneously occur. 


Henri Louis Le Chatelier described chemical equilibrium in the 1880s using Le 
Chatelier's Principle. 


In the 1880s, Svante Arrhenius developed the idea of activation energy. He 
also described the dissociation of salts—including acids and bases into ions. 
Before then, salts in solution were thought to exist as intact molecules and ions 
were mostly thought to exist as electrolysis products. Arrhenius also predicted 
that CO2 emissions would lead to global warming. 


In 1905, Albert Einstein created a mathematical model of Brownian motion 
based on the impact of water molecules on suspended particles. Kinetic 
molecular theory could now be observed under the microscope. Einstein's more 
famous later work in physics on relativity may be applied to chemistry by 
correlating the energy change of a chemical reaction with extremely small 
changes in the total mass of reactants and products. 
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Nineteenth and Twentieth Century: Atomic Theory 


Wolfgang Pauli helped to develop quantum mechanics in the 1920s by forming 
the concept of spin and the exclusion principle. According to Schrodinger’s 
Equation, each electron is unique. The Pauli Exclusion Principle states that no 
two electrons may have the same set of quantum numbers. Thus, for two 
electrons to occupy the same orbital, they must have different spins so each has 
a unique set of quantum numbers. The spin quantum number was confirmed by 
the Stern-Gerlach experiment. 


Friedrich Hund determined a set of rules to determine the ground state of a 
multi-electron atom in the 1920s. One particular rule is called Hund's Rule in 
introductory chemistry courses. Hund’s rule states that every orbital in a subshell 
is singly occupied with one electron before any one orbital is doubly occupied, 
and all electrons in singly occupied orbitals have the same spin. 


Correct “p” orbitals 


lL 


Incorrect “p” orbitals 


Discovery and Synthesis: Nineteenth Century: 


Humphry Davy used Volta's battery in the early 1800s for electrolysis of salt 
solutions. He synthesized several pure elements using electrolysis to generate 
non-spontaneous reactions. 


Jöns Jakob Berzelius isolated several elements, but he is best known for 
inventing modern chemical notation by using one or two letters to represent 
elements in the early 1800s. 


Friedrich Wöhler isolated several elements, but he is best known for the 
chemical synthesis of an organic compound in 1828 using the carbon in silver 
cyanide. Before Wöhler, many had believed that a transcendent "life-force" was 
needed to make the molecules of life. 


Justus von Liebig studied the chemicals involved in agriculture in the 1840s. He 
has been called the father of agricultural chemistry. 
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Louis Pasteur studied chirality in the 1840s by separating a mixture of two chiral 
molecules. His greater contribution was in biology for discovering the germ 
theory of disease. 


Henry Bessemer in the 1850s developed the Bessemer Process for mass 
producing steel by blowing air through molten iron to oxidize impurities. 


Friedrich August Kekulé von Stradonitz studied the chemistry of carbon in the 
1850s and 1860s. He proposed the ring structure of benzene and that carbon 
was tetravalent. 


Anders Jonas Angstrém was one of the founders of the science of 
spectroscopy. In the 1860s, he found hydrogen and other elements in the 
spectrum of the sun. A non-Sl unit of length equal to 0.1 nm is named for him. 


Alfred Nobel invented the explosive dynamite in the 1860s and continued to 
develop other explosives. In his will he used his fortune to establish the Nobel 
Prizes. 


Dmitri Mendeleev developed the first modern periodic table in 1869. 


Discovery and Synthesis: Turn of the 20" Century 


William Ramsay and Lord Rayleigh (John William Strutt) isolated the noble 
gases. 


Wilhelm Konrad Röntgen discovered X-rays. 
Antoine Henri Becquerel discovered radioactivity using uranium salts. 


Marie Curie named the property radioactivity and determined that it was a 
property of atoms that did not depend on which molecule contained the 
element. 


Pierre and Marie Curie utilized the properties of radioactivity to isolate radium 
and other radioactive elements. Marie Curie was the first woman to receive a 
Nobel Prize and the first person to receive two. Her story continues to inspire. 


See http://nobelprize.org/physics/articles/curie/index.html for a biography. 


Frederick Soddy and William Ramsay discovered that radioactive decay can 
produce helium (alpha particles). 


Fritz Haber developed the Haber Process for synthesizing ammonia from 


hydrogen and nitrogen using an iron catalyst. Ammonia is still produced by this 
method to make fertilizers, textiles, and other products. 
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Robert Andrew Millikan determined the charge of an electron using an oil-drop 
experiment. 


Discovery and Synthesis: 20" Century 


Gilbert Newton Lewis described covalent bonds as sharing electrons in the 
1910s and the electron pair donorlacceptor theory of acids and bases in the 
1920s. Lewis dot structures and Lewis acids are named after him. 


Johannes Nicolaus Brønsted and Thomas Martin Lowry simultaneously 
developed the proton donorlacceptor theory of acids and bases in the 1920s. 


Irving Langmuir in the 1920s developed the science of surface chemistry to 
describe interactions at the interface of two phases. This field is important to 
heterogeneous catalysis. 


Fritz London studied the electrical nature of chemical bonding in the 1920s. The 
weak intermolecular London dispersion forces are named after him. 


Hans Wilhelm Geiger developed the Geiger counter for measuring ionizing 
radiation in the 1930s. 


Wallace Carothers and his team first synthesized organic polymers (including 
neoprene, polyester and nylon) in the 1930s. 


In the 1930s, Linus Pauling published his results on the nature of the covalent 
bond. Pauling electronegativity is named after him. In the 1950s, Pauling 
determined the a-helical structure of proteins. 

Lise Meitner and Otto Hahn discovered nuclear fission in the 1930s. 

Glenn Theodore Seaborg created and isolated several elements larger than 
uranium in the 1940s. Seaborg reorganized the periodic table to its current 
form. 


James Watson and Francis Crick determined the double helix structure of 
DNA in the 1950s. 


Neil Bartlett produced compounds containing noble gases in the 1960s, 
proving that they are not completely chemically inert. 


Harold Kroto, Richard Smalley, and Robert Curl discovered the buckyball Ceo 
in the 1980s. 
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Skill 3.4 Recognizing the dynamic nature of scientific knowledge, 
including ways in which scientific knowledge is acquired and 
modified 


Science is distinguished from other fields of study in that it provides guidelines 
or methods for conducting research. Of utmost importance is that the results 
of scientific research be reproducible, not just by the original investigators, but 
by any other person performing the identical experiment. Ideally the scientific 
community all works together to advance knowledge of the natural world. The 
process of peer review is central to this ideal. 


Peer review is the process by which scientific results produced by one 
group are subjected to the analysis of other experts in the field. In practice 
it is most often used by scientific journals. Scientists author manuscripts detailing 
their experiments, results, and interpretations and these manuscripts are 
distributed by the journal editors to other researchers in the field for review prior 
to publication. The authors must address the comments and questions of the 
reviewers and make appropriate revisions for their work to be accepted for 
publication. Peer review is also the process by which applications for research 
funds are evaluated and awarded. Peer review may also be used informally by 
groups of researchers or graduate students wishing to get an evaluation of their 
research prior to writing it up for publication. 


Occasionally, new scientific results may contradict long held ideas in a particular 
field. In these cases, in-depth and objective peer review is highly important. 
Scientists must work together to determine whether the new evidence is correct 
and how it might change current theories. Typically, there is resistance to the 
overthrow of scientific theories and many, many experiments must be arduously 
validated before new, contradictory hypotheses are accepted. Unfortunately, 
scientists are still people and so can be stubborn and slow to change their ideas. 
Therefore, acceptance of new scientific results, even when experiments 
have been correctly performed, often takes some time. 
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COMPETENCY 4.0 UNDERSTAND THE RELATIONSHIP OF CHEMISTRY TO 
CONTEMPORARY, HISTORICAL, TECHNOLOGICAL, 
AND SOCIETAL ISSUES 


Skill 4.1 Recognizing the relationships between science and 
technology 


Science, mathematics, and technology are interconnected. Teaching Chemistry 
incorporates the other sciences as well as other disciplines, such as 
mathematics. For example, graphs and charts are frequently used to record and 
analyze data. On a daily basis, we are surrounded with mathematics in the 
ability to make various measurements of mass and size, in the conversions 
betweens the numerous units, and in tabulating amounts of materials. Beyond 
these basic skills, mathematical and algebraic skills are used in a plethora of 
chemical calculations from determining the percent composition of elements in a 
compound to estimating the mass of reactants needed in a reaction. 


The union of science, technology, and mathematics has shaped the world we live 
in today. Science describes the world. It attempts to explain all aspects of how 
nature works, from our own bodies to the tiny particles making up matter, from 
the entire earth to the universe beyond. Science lets us know in advance what 
will happen when a cell splits or when two chemicals react. Yet, science is ever- 
evolving. Throughout history, people have developed and validated many 
different ideas about the processes of the universe. Frequently, the development 
of new technology used in conducting experiments allows for new information 
and theories to emerge. 


Chemistry is an everyday experience. Some facet of chemistry is involved in 
every aspect of our daily lives whether in the manufacture of the soaps and 
cosmetics one uses to get ready for the day, in the synthesis of the fabrics one 
wears, or in the production of the foods that are consumed daily. 


Skill 4.2 Analyzing historical, political, and social factors that affect 
developments in chemistry, including current issues related to 
chemistry research and technology (e.g., alternative fuels, 
polymers) 


In the area of material science, we are able to improve our ability to synthesize 
materials and compounds. We have stronger and more durable fabrics that 
resist staining and daily wear better than the non-synthetic counterparts. 
Chemists have learned to synthesize plastics, which have a high strength-to- 
weight ratio. For example, a given piece of structural plastic can be up to six 
times stronger than steel with the same mass. We can even synthesize 
diamonds, which at one time were only available by tedious and dangerous 
mining. 
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With the increased amount of technology in the other fields of science, basic 
systems and modern conveniences are also being improved to benefit society. 


In our ever growing need for more power, Chemistry is playing a huge role in the 
area energy conservation and more efficient methods of producing energy. 


Besides developing alternative fuel sources, like bio-diesel, we are producing 
better vehicles that are more efficient at combusting the petroleum fuel, and thus 
producing lower carbon dioxide emissions. 


This technology has even produced hybrid and electric vehicles that operate on 
battery power and can convert the mechanical energy of braking into stored 
electrochemical power to recharge and run the car continuously. 

Beyond our planet, technology has enabled us to travel to the moon and beyond. 
By analyzing the percent composition of the rocks and minerals found on the 
moon and Mars and comparing them to those on earth, scientists can begin to 
gather more information on whether life can exist on planets in our solar system. 


The technological advances, which also include the computer, plasma TV, cell 
phones, CAT scan, and angioplasty to name a few, have become indispensable 
to human beings. The impact of chemicals and of the ability to alter matter by 
chemical technology has created tools that have improved the industrial 
production of nearly every substance. A basic understanding of all the multiple 
disciplines makes any society well informed and knowledgeable. Chemistry, 
physics, earth sciences, and biology are all closely involved with society, and 
many times we don't even notice it. Also, mathematics is interwoven into all of 
these fields to a great extent. By looking at the world around us closely we can 
visualize the interconnectedness of all the various disciplines. 


Skill 4.3 Evaluating the credibility of scientific claims made in various 
forums (e.g., mass media, professional journals, advertising). 


Because people often attempt to use scientific evidence in support of political or 
personal agendas, the ability to evaluate the credibility of scientific claims is a 
necessary skill in today’s society. In evaluating scientific claims made in the 
media, public debates, and advertising, one should follow several guidelines. 


First, scientific, peer-reviewed journals are the most accepted source for 
information on scientific experiments and studies. One should carefully 
scrutinize any claim that does not reference peer-reviewed literature. 


Second, the media and those with an agenda to advance (advertisers, debaters, 
etc.) often overemphasize the certainty and importance of experimental results. 
One should question any scientific claim that sounds fantastical or overly certain. 


Finally, knowledge of experimental design and the scientific method is important 
in evaluating the credibility of studies. For example, one should look for the 
inclusion of control groups and the presence of data to support the given 
conclusions. 
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COMPETENCY 5.0 UNDERSTAND INTERRELATIONSHIPS AMONG THE 
PHYSICAL, LIFE, AND EARTH/SPACE SCIENCES AND 
THEIR CONNECTIONS TO MATHEMATICS AND 
TECHNOLOGY. 


Skill 5.1 Recognizing major unifying themes and concepts that are 
common to the various scientific disciplines (e.g., patterns, 
cause and effect, conservation of energy, entropy) 


The following are the concepts and processes generally recognized as common 
to all scientific disciplines: 


- Systems, order, and organization 

- Evidence, models, and explanation 

- Constancy, change, and measurement 
- Evolution and equilibrium 

- Form and function 


Because the natural world is so complex, the study of science involves the 
organization of items into smaller groups based on interaction or 
interdependence. These groups are called systems. Examples of organization 
are the periodic table of elements and the five-kingdom classification scheme for 
living organisms. Examples of systems are the solar system, cardiovascular 
system, Newton’s laws of force and motion, and the laws of conservation. 


Order refers to the behavior and measurability of organisms and events in 
nature. The arrangement of planets in the solar system and the life cycle of 
bacterial cells are examples of order. 


Scientists use evidence and models to form explanations of natural events. 
Models are miniaturized representations of a larger event or system. Evidence is 
anything that furnishes proof. 


Constancy and change describe the observable properties of natural organisms 
and events. Scientists use different systems of measurement to observe 
change and constancy. For example, the freezing and melting points of given 
substances and the speed of sound are constant under constant conditions. 
Growth, decay, and erosion are all examples of natural change. 


Evolution is the process of change over a long period of time. While biological 
evolution is the most common example, one can also classify technological 
advancement, changes in the universe, and changes in the environment as 
evolution. 


Equilibrium is the state of balance between opposing forces of change. 
Homeostasis and ecological balance are examples of equilibrium. 
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Form and function are properties of organisms and systems that are closely 
related. The function of an object usually dictates its form and the form of an 
object usually facilitates its function. For example, the form of the heart (e.g. 
muscle, valves) allows it to perform its function of circulating blood through the 
body. 


Skill 5.2 Describing the integration and interdependence of the 
sciences, mathematics, and technology and their applications 
in real-world contexts. 


Through the partnership of Chemistry and Biology, enormous advances in 
medicine and biotechnology have been made in the discovery of the molecular 
structure of the DNA molecule to the development of the field of medicinal 
chemistry. We have the ability to clone animals from a single adult cell and cure 
people of certain types of cancer. In the field of medicinal chemistry, scientists 
identify, synthesize, develop, and study chemicals to use for diagnostic tools and 
pharmaceuticals. Pharmacology is the study of how chemical substances 
interact with living systems. As biological knowledge has increased, the 
biochemical causes of many diseases have been determined and the field of 
pharmacology has grown tremendously. With the development of new 
medicines, antibiotics and vaccines, humans can be cured from common 
diseases and even avoid getting sick. Antibiotics are organic chemicals to kill or 
slow the growth of bacteria. Before antibiotics were available, infections were 
often treated with moderate levels of poisons like strychnine or arsenic. 
Antibiotics target the disease without harming the patient, and they have saved 
millions of lives. A baby born today in the United States is expected to live 30 
years longer on average than a baby born 100 years ago. Since 1980, genetic 
engineering has been used to design recombinant DNA in order to produce 
human protein molecules in bioreactors using non-human cells. These 
molecules fight diseases by elevating the level of proteins made naturally by the 
human body or by providing proteins that are missing due to genetic disorders. 
Most tools in biotechnology originated from chemical technology, and with the 
continued partnership, better instruments and equipment will continue to be 
invented. With such developments, doctors can diagnose and treat patients more 
easily and with greater precision, so that we as a society are able to live longer 
and healthier lives. 


In addition to a better quality of life we are able to increase the world’s supply of 
food. Scientists have developed fertilizers, insecticides, and herbicides that 
enable us to grow stronger and healthier plants and to prevent diseases and 
pests in crops. The major breakthrough in the use of fertilizers from chemical 
processes occurred with the development of the Haber process for ammonia 
production in 1910: 


N2(g) + 3 H2(g) 5 2 NHs3(g) over Fe catalyst 
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Millions of tons of ammonia are used worldwide each year to supply crops with 
nitrogen. Ammonia is either added to irrigation water or injected directly into the 
ground. Many other nitrogen fertilizers are synthesized from ammonia. 
Phosphorus in fertilizers originates from phosphate (PO,*) in rock deposits. 
Potassium in fertilizers comes from evaporated ancient seabeds in the form of 
potassium oxide (K2O). Pesticides are used to control or kill organisms that 
compete with humans for food, spread disease, or are considered a nuisance. 
Herbicides are pesticides that attack weeds; insecticides attack insects; 
fungicides attack molds and other fungus. Sulfur was used as a fungicide in 
ancient times. The development and use of new pesticides has exploded over 
the last 60 years, but these pesticides are often poisonous to humans. One 
example is the insecticide DDT. It was widely used in the 1940s and 1950s and 
is responsible for eradicating malaria from Europe and North America. It quickly 
became the most widely used pesticide in the world. In the 1960s, some claimed 
that DDT was preventing fish-eating birds from reproducing and that it was 
causing birth defects in humans. DDT is now banned in many countries, but it is 
still used in developing nations to prevent diseases carried by insects. 


The herbicide Roundup kills all natural plants it encounters. It began to be used 
in the 1990s in combination with genetically engineered crops that include a gene 
intended to make the crop (and only the crop) resistant to the herbicide. This 
combination of chemical and genetic technology has been an economic success 
but it has raised many concerns about potential problems in the future. 
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Technology makes use of scientific knowledge to solve real-world problems. For 
example, science is used to study the flow of electrons but technology is required 
to channel the flow of electrons to create a supercomputer. Basic research 
generally refers to investigation of fundamental scientific principles. Applied 
research is oriented toward making use of basic research in technology 
development. Applied research is dependent on basic research, and both are 
necessary for technology advancement. Mathematics in turn provides the 
language that allows this knowledge to be communicated. It allows the creation 
of models for scientists to use in explaining natural phenomena and is also the 
language of technology and computers. 


Chemical technology helps keep foods fresh longer and alters the molecules in 
food. Processes such as pasteurization, drying, salting, and adding 
preservatives all prevent microbial contamination by altering the nutritional 
content of food. Preservatives are substances added to food to prevent the 
growth of microorganisms and spoilage. For example, potassium and sodium 
nitrites and nitrates are often used as a preservative for root vegetables and 
processed meats. Another method to preserve and sterilize food is by irradiation. 
Gamma rays from a sealed source of °°Co or **’Cs are used to kill 
microorganisms in over 40 countries. This process is less expensive than 
refrigeration, canning, or additives, and it does not make food radioactive. 


Another benefit of chemical technology is the ability to 
manipulate the chemical structure of molecules. Hydrogenation 
uses a chemical reaction to convert unsaturated to saturated 
oils. Many plant oils are polyunsaturated with double bonds in 
the cis- form as shown at left. These molecules contain rigid 
bends in them. Complete hydrogenation creates a flexible 
straight-chain molecule that permits more area for London 
dispersion forces to form intermolecular bonds. The result is 
that hydrogenation increases the melting point of an oil. Semi-solid fats are 
preferred for baking because the final product has the right texture in the mouth. 
Unfortunately, saturated fats are less healthy than cis- unsaturated fats because 
they promote obesity and heart disease. Complete hydrogenation of the 
molecule above is shown here: 


Coe 


HO” `O 


When the hydrogenation process does not fully saturate, it results in partially 
hydrogenated oil. Partial hydrogenation often creates a semi-solid fat in cases 
where complete hydrogenation would create a fat that is fully solid. 
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However, partial hydrogenation of cis-polyunsaturated fats results in a random 
isomerization, creating a mixture of cis- and trans- forms. In the structure below, 
the molecule has been partially hydrogenated, resulting in the saturation of two 
double bonds. One of the two remaining cis- bonds has been isomerized to a 
trans- form: 


HO 


Trans-fatty acids have a slight kink in them compared to cis- forms, and they 
rarely occur in the food found in nature. Campaigns against saturated fat in the 
1980s led to the increased use of partially hydrogenated oils. The health benefits 
of monounsaturated fat were promoted, but labels made no distinction between 
cis- and trans- forms. As a result, there has been an increase in consumption of 
trans fat. Unfortunately, it is now known that trans fat is even worse for the body 
than saturated fat. Some nations have completely banned the use of partially 
hydrogenated oils. Food labels in the United States are currently (as of 2006) 
required to list total, saturated, and trans-fat content. Fatty acids with one or 
more trans nonconjugated double bonds are labeled as trans fat under this rule. 


CHEMISTRY 61 


TEACHER CERTIFICATION STUDY GUIDE 


COMPETENCY 6.0 APPLY THE RULES OF CHEMICAL NOMENCLATURE 
AND NOTATION. 


Skill 6.1 Applying basic rules of nomenclature to identify and name 
inorganic substances 


The IUPAC is the International Union of Pure and Applied Chemistry, an 
organization that formulates naming rules. Organic compounds contain 
carbon, and they have a separate system of nomenclature, but some of the 
simplest molecules containing carbon also fall within the scope of inorganic 
chemistry. 


Naming rules depend on whether the chemical is an ionic compound or a 
molecular compound containing only covalent bonds. There are special rules for 
naming acids. The rules below describe a group of traditional "semi-systematic" 
names accepted by IUPAC. 


lonic compounds: Cation 


lonic compounds are named with the cation (positive ion) first. Nearly all 
cations in inorganic chemistry are monatomic, meaning they just consist of one 
atom (like Ca**, the calcium ion.) This atom will usually be a metal ion. For 
common ionic compounds, the alkali metals always have a 1+ charge and the 
alkali earth metals always have a 2+ charge. 


Many metals (usually transition metals) may form cations of more than one 
charge. In this case, a Roman numeral in parenthesis after the name of the 
element is used to indicate the ion's charge in a particular compound. This 
Roman numeral method is known as the Stock system. An older nomenclature 
used the suffix —ous for the lower charge and —ic for the higher charge and is still 
used occasionally. 

Example: Fe% is the iron(II) ion and Fe® is the iron(II!) ion. 


The only common inorganic polyatomic cation is ammonium: NH,’. 


lonic compounds: Anion 


The anion (negative ion) is named and written last. Monatomic anions are 
formed from nonmetallic elements and are named by replacing the end of the 
element's name with the suffix —ide. 


Examples: CI is the chloride ion, S% is the sulfide ion, and N* is the nitride ion. 
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These anions also end with —ide: 


orm Ns Oo Oz S+- CN OH- 
carbide or acetylide azide peroxide ozonide disulfide cyanide hydroxide 


Oxoanions (also called oxyanions) contain one element in combination with 
oxygen. Many common polyatomic anions are oxoanions that end with the 
suffix -ate. If you memorize the “-ate” ions, you can quickly determine the 
corresponding “-/te” ions. If an element has two possible oxoanions, the one with 
the element at a lower oxidation state ends with —ite. This anion will also 
usually have one less oxygen per atom. Additional oxoanions are named with 
the prefix hypo- if they have a lower oxidation number (and one less oxygen) 
than the —ite form and the prefix per— if they have a higher oxidation number (and 
one more oxygen) than the —ate form. Note the chlorate series of hypochlorite 
(CIO), chlorite (ClOz), chlorate (ClO3), and perchlorate (ClO. ). 


Common examples: 


CO, carbonate 


SO, sulfite SO,” sulfate 
PO;* phosphite PO,* phosphate 
N20% hyponitrite NO. nitrite NO; nitrate 


ClO” hypochlorite ClO, chlorite ClO; chlorate ClO, perchlorate 


BrO% hypobromite BrOz bromite BrO; bromate BrO, perbromate 


MnO.” manganate MnO; permanganate 


CrO,” chromate CrO% _perchromate 


Note that manganate/permanganate and chromate/perchromate are exceptions 
to the general rules because there are —ate ions but no —/te ions and because 
the charge changes. 


Other polyatomic anions that end with —ate are: 
(COO)  Cr20:4 SCNT HCO, CH3;CO 
oxalate dichromate thiocyanate formate acetate 


HCOz and CH3COz are condensed structural formulas because they show 
how the atoms are linked together. Their molecular formulas would be CHO? 
and C2H302— 

If an H atom is added to a polyatomic anion with a negative charge greater than 
one, the word hydrogen or the prefix bi- are used for the resulting anion. If two H 
atoms are added, dihydrogen is used. 


Examples: bicarbonate or hydrogen carbonate ion: HCO3— 
dihydrogen phosphate ion: H2PO,— 
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lonic compounds: Hydrates 


Water molecules often occupy positions within the lattice of an ionic crystal. 
These compounds are called hydrates, and the water molecules are known as 
water of hydration. The water of hydration is added after a centered dot ina 
formula. In a name, a number-prefix (listed below for molecular compounds) 
indicating the number of water molecules is followed by the root —hydrate. 


lonic compounds: Putting it all together 


We now have the tools to name most common salts given a formula and to write 
a formula for them given a name. To determine a formula given a name, the 
number of anions and cations that are needed to achieve a neutral charge must 
be found. 


Example: Determine the formula of cobalt(II) phosphite octahydrate. 


Solution: For the cation, find the symbol for cobalt (Co) and recognize that it is 
the Co** ion from the Roman numerals. For the anion, remember the 
phosphite ion is PO3*. A neutral charge is achieved with 3 Co** ions 
(3 x +2 = +6) for every 2 PO;* ions (2 x -3 = -6 which cancels the +6). 
Add eight (octa- means 8) H2O for water of hydration for the answer: 


Co, (PO, ) #8H,0. 
Molecular compounds 


Molecular compounds (compounds making up molecules with a neutral charge) 
are usually composed entirely of nonmetals and are named by placing the less 
electronegative atom first. The suffix —ide is added to the second, more 
electronegative atom, and prefixes indicating numbers are added to one or both 
names if needed. 


Prefix |mono-| di- | tri- | tetra- |penta-| hexa- |hepta-| octa- | nona- | deca- 


Meaning] 1 | 2 | 3 | 4 | 5 | 6 | 7 | 8 | 9 |10 
The final "o" or "a" may be left off these prefixes for oxides. 


The electronegativity requirement is the reason the compound with two oxygen 
atoms and one nitrogen atom is called nitrogen dioxide, NO2 and not dioxygen 
nitride O2N. The hydride of sodium is NaH, sodium hydride, but the hydride of 
bromine is HBr, hydrogen bromide (or hydrobromic acid if it's in aqueous 
solution). Oxygen is only named first in compounds with fluorine such as oxygen 
difluoride, OF2, and fluorine is never placed first because it is the most 
electronegative element. 
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Examples: N2O,, dinitrogen tetroxide (or tetraoxide) 
Cl207, dichlorine heptoxide (or heptaoxide) 
CIF; chlorine pentafluoride 


Acids 


There are special naming rules for acids that correspond with the suffix of their 
corresponding anion if hydrogen were removed from the acid. Anions ending 
with —ide correspond to acids with the prefix hydro— and the suffix —ic. Anions 
ending with —ate correspond to acids with no prefix that end with —ic. Oxoanions 
ending with —ite have associated acids with no prefix and the suffix —ous. The 
hypo- and per- prefixes are maintained. Some examples are shown in the 
following table: 


anion anion name acid acid name 

Cr chloride HCl(aq) hydrochloric acid 
CN™ cyanide HCN(aq) hydrocyanic acid 
CO,” carbonate H2CO;}(aq) carbonic acid 
SO; sulfite H-SO;(aq) sulfurous acid 
SO,” sulfate H2SO,(aq) sulfuric acid 
ClO™ hypochlorite HClO(aq) hypochlorous acid 
ClO. chlorite HCIO.(aq) chlorous acid 
ClO; chlorate HCIO;:(aq) chloric acid 
ClO, perchlorate HClO,(aq) perchloric acid 


Example: What is the molecular formula of phosphorous acid? 


Solution: If we remember that the —ous acid corresponds to the —ite anion, and 
that the —ite anion has one less oxygen than (or has an oxidation number 2 less 
than) the —ate form, we only need to remember that phosphate is PO,*. Then 
we know that phosphite is PO% and phosphorous acid is H3PO3. 


For additional resources, see: 


http://chemistry.alanearhart.org/Tutorials/Nomen/nomen-part7.html has 


thousands of sample questions. Don’t do them all in one sitting. 


http://www.iupac.org/reports/provisional/abstract04/connelly 310804.html - 


IUPAC's latest report on inorganic nomenclature 
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Skill 6.2 Interpreting symbols and chemical notation for elements, 
isotopes, ions, molecules, and compounds 


The identity of an element depends on the number of protons in the nucleus of 
the atom. This value is called the atomic number and it is sometimes written as 
a subscript before the symbol for the corresponding element. Atoms and ions of 
a given element that differ in number of neutrons have a different mass and are 
called isotopes. A nucleus with a specified number of protons and neutrons is 
called a nuclide, and a nuclear particle, either a proton or neutron, may be called 
a nucleon. The total number of nucleons is called the mass number and may 
be written as a superscript before the atomic symbol. 


14 
6 


Different isotopes have different natural abundances and have different nuclear 
properties, but an atom's chemical properties are almost entirely due to 
electrons. 


( represents an atom of carbon with 6 protons and 8 neutrons. 
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COMPETENCY 7.0 UNDERSTAND ATOMIC AND MOLECULAR STRUCTURE 
AND BONDING. 


Skill 7.1 Identifying the parts of an atom and their characteristics; 


Protons have a positive charge, neutrons have no charge, and electrons have 
a negative charge. Atoms have no net charge and thus have an equal number of 
protons and electrons. Anions are negative ions and contain more electrons 
than protons. Cations are positive ions and contain more protons than 
electrons. Protons and neutrons are contained in a small volume at the center of 
the atom called the nucleus. Electrons move in the remaining space of the atom 
and have very little —about 1/1800 of the mass of a proton or neutron. Electrons 
are prevented from flying away from the nucleus by the attraction that exists 
between opposite electrical charges. This force is known as electrostatic or 
coulombic attraction. 


Skill 7.2 Comparing historic models of the atom 
Dalton 


The ideas that pure materials called elements existed and that these elements 

were composed of fundamentally indivisible units called atoms were proposed by 
ancient philosophers even though they had little evidence. 

Modern atomic theory is credited to the work of John p "ELEM ENTS 
Dalton published in 1803-1807. Observations made by him Hyi 10 Okai 
and others about the composition, properties, and reactions 

of many compounds led him to develop the following 


Aier 


postulates: í j I(T) [iai 
1) Each element is composed of small particles called ' A (Z) Zim 
atoms. | 


2) All atoms of a given element are identical in mass 
and other properties. 

3) Atoms of different elements have different masses 
and differ in other properties. 

4) Atoms of an element are not created, destroyed, or 
changed into a different type of atom by chemical 


= 
F = 
„= f 
oad 


©) Lead 
ud DY ©) tiiri 
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= 
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Treflittig 


ae 


Soda ti E) Plating aye 


reactions. Posh gt oe, Mercury ay 
5) Compounds form when atoms of more than one Dalton’s table of atomic 
element combine. symbols and masses 


6) In a given compound, the relative numbers and kinds 
of atoms are constant. 
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Dalton determined and published the known relative masses of a number of 
different atoms. He also formulated the law of partial pressures. Dalton's work 
focused on the ability of atoms to arrange themselves into molecules 
and to rearrange themselves via chemical reactions, but he did not 
investigate the composition of atoms themselves. Dalton's model 
of the atom was a tiny, indivisible, indestructible particle of a 
certain mass, size, and chemical behavior, but Dalton did not deny 
the possibility that atoms might have a substructure. 


Thomson 


Joseph John Thomson, often known as J. J. Thomson, was the first to examine 
this substructure. In the mid-1800s, scientists had studied a form of radiation 
called "cathode rays" or "electrons" that originated from the negative electrode 
(cathode) when electrical current was forced through an evacuated tube. 
Thomson determined in 1897 that electrons have mass, and because many 
different cathode materials release electrons, Thomson proposed that the 
electron is a subatomic particle. 

Thomson's model of the atom was a uniformly positive particle with 
electrons contained in the interior. This has been called the "plum-pudding" 
model of the atom where the pudding represents the uniform sphere of 
positive electricity and the bits of plum represent electrons. For more on 


Thomson, see http://www.aip.org/history/electron/jjhome.htm. 


Planck 


Max Planck determined in 1900 that energy is transferred by radiation in 
exact multiples of a discrete unit of energy called a quantum. Quanta of 
energy are extremely small, and may be found from the frequency of the 
radiation, v, using the equation: 

AE = hv 
where h is Planck's constant and hvis a quantum of energy. 


Rutherford 


Ernest Rutherford studied atomic structure in 1910-1911 by firing a beam of 
alpha particles (See 0011) at thin layers of gold leaf. According to Thomson's 
model, the path of an alpha particle should be deflected only slightly if E- E N 
struck an atom, but Rutherford observed some alpha particles 

bouncing almost backwards, suggesting that nearly all the mass of 

an atom is contained in a small positively charged nucleus. 

Rutherford's model of the atom was an analogy to the sun and the © 
planets. A small positively charged nucleus is surrounded by circling 
negatively charged electrons and empty space. Rutherford's experiment is 
explained in greater detail in this flash animation: 
http:/Awww.mhhe.com/physsci/chemistry/essentialchemistry/flash/ruther14.swf. 
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Bohr 


Niels Bohr incorporated Planck's quantum concept p k 
into Rutherford's model of the atom in 1913 to explain / / a 
@)) 


the discrete frequencies of radiation emitted and l 

absorbed by atoms with one electron (H, Het, and \ 

Li**). This electron is attracted to the positive nucleus — N 

and is closest to the nucleus at the ground state of 

the atom. When the electron absorbs energy, it moves into an orbit further from 
the nucleus and the atom is said to be in an electronically excited state. If 


sufficient energy is absorbed, the electron separates from the nucleus entirely, 
and the atom is ionized: 


H>H +e 


The energy required for ionization from the ground state is called the atom's 
ionization energy. The discrete frequencies of radiation emitted and absorbed 
by the atom correspond (using Planck's constant) to discrete energies and in turn 
to discrete distances from the nucleus. Bohr's model of the atom was a small 
positively charged nucleus surrounded mostly by empty space and by electrons 
orbiting at certain discrete distances ("shells") corresponding to discrete energy 
levels. 

Animations utilizing the Bohr model may be found at the following two URLs: 


http://artsci-ccwin.concordia.ca/facstaff/a—c/bird/c241/D1.html and 
http://www.mhhe.com/physsci/chemistry/essentialchemistry/flash/linesp16.swf 


De Broglie 


Depending on the experiment, radiation appears to have SN 
wave-like or particle-like traits. In 1923-1924, Louis de ; / \ 
Broglie applied this wave/particle duality to all matter N / \ /\ 
with momentum. The discrete distances from the nucleus 1V Wy V] 
described by Bohr corresponded to permissible distances \ /\ Y Ra 
where standing waves could exist. De Broglie's model of / 
the atom described electrons as matter waves in \ 
standing wave orbits around the nucleus. The first three A 
standing waves corresponding to the first three discrete 

distances are shown. De Broglie's model may be found 


here: http://artsci-ccwin.concordia.ca/facstaff/a-c/bird/c241/D1-part2.html. 
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Heisenberg 


The realization that both matter and radiation interact as waves led Werner 
Heisenberg to the conclusion in 1927 that the act of observation and 
measurement requires the interaction of one wave with another. This interaction 
results in an inherent uncertainty in the location and momentum of the 
observed particles. This inherent limitation in the ability to measure phenomena 
at the subatomic level is known as the Heisenberg uncertainty principle, and it 
applies to the location and momentum of electrons in an atom. A discussion of 
the principle and Heisenberg's other contributions to quantum theory is located 


here: http://www.aip.org/history/heisenberg/. 


Schrödinger 


When Erwin Schrödinger studied the atom in 1925, he replaced the idea of 
precise orbits with regions in space called orbitals where electrons were likely to 
be found. The Schrödinger equation describes the probability that an electron 
will be in a given region of space, a quantity known as electron density or Y”. 
The diagrams below are surfaces of constant ¥%* found by solving the 
Schrödinger equation for the hydrogen atom 1s, 2p, and 3d orbitals. Additional 
representations of solutions may be found here: 
http://library.wolfram.com/webMathematica/Physics/Hydrogen. jsp. 


1s 


Schrédinger's model of the atom is a mathematical formulation of quantum 
mechanics that describes the electron density of orbitals. It is the atomic model 
that has been in use from shortly after it was introduced up to the present. 


Pauli 
Wolfgang Pauli helped develop quantum mechanics in the 1920s by developing 
the concept of spin and the Pauli exclusion principle, which states that if two 


electrons occupy the same orbital, they must have different spin (intrinsic angular 
momentum). This principle has been generalized to other quantum particles. 
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Hund 


Friedrich Hund determined a set of rules to determine the ground state of a 
multi-electron atom in the 1920s. One of these rules is called Hund's Rule in 
introductory chemistry courses, and describes the order in which electrons fill 
orbitals and their spin. 


Skill 7. 3 Using the periodic table to predict the properties of a given 
element 


Metals, nonmetals, and atomic radius 
Elements in the periodic table are divided into the two broad categories of metals 
and nonmetals with a jagged line separating the two as shown in the figure. 


Seven 
elements near 
the line 
dividing metals 
from 
nonmetals 

E S R exhibit some 
properties of 
each and are 
called 

| metalloids or 
| | semimetals 

| These 
-eee elements are 
boron, silicon, germanium, arsenic, antimony, tellurium and astatine. 


on [Mercnmetats) | metalloics 
ls 


Li |Be | mata 


The most metallic element is francium at the bottom left of the table. The most 
nonmetallic element is fluorine. The metallic character of elements within a 
group increases with period number. This means that within a column, the 
more metallic elements are at the bottom. The metallic character of elements 
within a period decreases with group number. This means that within a row, the 
more metallic elements are on the left. 


Among the main group atoms, elements diagonal to each other as indicated 
by the dashed arrows have similar properties because they have a similar 
metallic character. The noble gases are nonmetals, but they are an exception to 
the diagonal rule. 


CHEMISTRY 71 


TEACHER CERTIFICATION STUDY GUIDE 


Physical properties relating to metallic character are summarized in the following 
table: 


Melting point of 


Element Electrical/thermal a a. Lustrous oxides, 

conductivity : ? hydrides, and 
solids? ; 

halides 

Metals High Yes Yes High 
Intermediate. Varies (oxides). 
Metalloids | Altered by dopants No (brittle) Varies Low (hydrides, 

(semiconductors) halides) 

Nonmetals Low (insulators) No No Low 


Malleable materials can be hammered into sheets. Ductile materials can be 
pulled into wires. Lustrous materials have a shine. Oxides, hydrides, and 
halides are compounds with O, H, and halogens respectively. Measures of 
intermolecular attractions other than melting point are also higher for metal 
oxides, hydrides, and halides than for the nonmetal compounds. A dopant is a 
small quantity of an intentionally added impurity. The controlled movement of 
electrons in doped silicon semiconductors carries digital information in computer 
circuitry. 


The size of an atom is not an exact radius due to of the probabilistic nature of 
electron density, but we may compare radii among different atoms using a 
standard. As seen below, the sizes of neutral atoms increase with period 
number and decrease with group number. This trend is similar to the trend 
described above for metallic character. The smallest atom is helium. 


© o ET 
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Group names, melting point, density, and properties of compounds 


Groups 1, 2, 17, and 18 are often identified with a group name. These names 
are shown in the diagram below. Seven elements are found in nature only as 
diatomic molecules: (H2, N2, O2, and the halogens: F2, Clz, Br2, and Iz). 
Mnemonic devices to remember the diatomic elements are: “Brəl2N2Cl2H202F2” 
(pronounced “Brinklehof”) or “Have No Fear Of Ice Cold Beer” Another way to 
remember them is by using the Rule of Sevens: 7 of them which form a 7 on the 
Periodic Table and 4 of the 7 are from Group 7. These molecules are attracted to 
one another using weak London dispersion forces. 


Note that hydrogen is not an alkali metal. Hydrogen is a colorless gas and is the 
most abundant element in the universe, but H2 is very rare in the atmosphere 
because it is light enough to escape gravity and reach outer space. Hydrogen 
atoms combine with atoms of other elements to form more compounds than 
atoms of any other element. 


Alkali metals are shiny, soft, 
metallic solids. They have 
low melting points and low 
densities compared with 
other metals (See squares in 
figures on the following page) 
because they have a weaker 
metallic bond. Measures of 
intermolecular attractions 
including their melting points 
decrease going down the 
periodic table due to 
weaker metallic bonds as 
the atomic radii increase. 
Common salts with an alkali 
metal cation are always [il 
A 


Alkali metals 
2 Alkaline earth metals -Noble gases 


L 
F = 
ae | Cc 


X X Halogens 


soluble. 


Alkaline earth metals (group 

2 elements) are grey, metallic solids. They are harder, denser, and have a higher 
melting point than the alkali metals (See asterisks in figures on the following 
page), but values for these properties are still low compared to most of the 
transition metals. Measures of metallic bond strength such as melting points for 
alkaline earths do not follow a simple trend down the periodic table. 
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Halogens (group 17 elements) have an irritating odor. Unlike the metallic bonds 
between alkali metals, London forces between halogen molecules increase 
in strength further down the 
10000 periodic table, increasing their 


+ P melting points as shown by the 
x + tH, Ft at E #4 triangles to the left. London forces 
1000 |e x mpa ji n make Brz a liquid and I; a solid at 25 
— + . 
= Bat a Fas —s °C. The lighter halogens are gases. 
= © 
R e 
> REVAL Noble gases (group 18 elements) 
5 f have no color or odor and exist as 
ET 9—8- Group 1 Alkali Metals individual t that 
= jo- x- Group 2 Alkaline Earths in nv ual gas atoms tha 
A— Group 17 Halogens experience London forces. These 
©~ Group 18 Noble Gases attractions also increase with period 
1 t- Group: 216 number as shown by the circles in 


1 11 21 31 41 51 61 71 8191 Pe figure. 


Atomic Number 


+ 
The known densities of liquid and à” 99 |S Group 1 Alkali Metals +t $ 
solid elements at room temperature £ *— Group 2 Alkaline Earth + + 
are shown to the left. , © a- Group 17 Halogens , 
Intermolecular forces contribute 915 | + Group 3-16 + 
to density by bringing nuclei closer a ma 4 
to each other, so the periodicity is D $ 4 4 
similar to trends for melting point. 5 10 ++ ji 

` c J + 4 + 
These group-to-group differences = a ee Ea 
are superimposed on a general £ Ean a alle + 
trend in which densities increase 2 5 | ig Ea va $ 
with period number because = + k 3 * 
heavier nuclei make the material (a) P a:n x a 
denser. (0) E z a T T T T T T T 

1 11 21 31 41 51 61 71 81 91 


Trends among properties of 
compounds may often be deduced 
from trends among their atoms, but caution must be used. For example, the 
densities of three potassium halides are 2.0 g/cm? for KCI, 2.7 g/cm? for KBr, and 
3.1 g/cm? for KI. 


Atomic Number 


We would expect this trend for increasing atomic mass within a group. We might 
also expect the density of KF to be less than 2.0 g/cm®, but it is actually 2.5 g/cm? 
due to a change in crystal lattice structure. 


For an isolated atom, the most stable system of valence electrons is a filled 


set of orbitals. For the main group elements, this corresponds to group 18 
(ns*np° and 1s? for helium), and, to a lesser extent, group 2 (nsô). 
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The next most stable state is a set of degenerate half-filled orbitals. These occur 
in group 15 (ns*np*). The least stable valence electron configuration is a single 
electron with no other electrons in similar orbitals. This occurs in group 1 (nst) 
and to a lesser extent in group 13 (ns*np’). 


An atom's first ionization energy is the energy required to remove one 
electron by the reaction M(g) > M’(g)+e . Periodicity is in the opposite 
direction from the trend for atomic radius. The most metallic atoms have 
electrons further from the nucleus, and these are easier to remove. Factors that 
affect ionization energy are: 


a. Nuclear charge — the larger the nuclear charge, the greater the IE 

b. Shielding effect — the greater the shielding effect, the less the IE 

c. Radius — the greater the distance between the nucleus and the 
outer electrons of an atom, the less the IE 

d. Sublevel — an electron from a sublevel that is more than half-full 
requires additional energy to be removed 


An atom's electron affinity is the energy released when one electron is added 
by the reaction M(g)+e —>M (g). A large negative number for the exothermic 
reaction indicates a high electron affinity. Halogens have the highest electron 
affinities. 


Trends in ionization energy and electron affinity within a period reflect the 
stability of valence electron configurations. A stable system requires more 
energy to change and releases less when changed. Note the peaks in stability 
for groups 2, 13, and 16 to the right. 
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He (1s°) iS Commonly placed in group 16 
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Skill 7.4 Representing atoms, ions, and compounds with electron-dot 
diagrams 


Noble gases have stable electron configurations because the subshells 
corresponding to their valence electrons are completely filled. Atoms often gain, 
lose, or share electrons in order to achieve the same number of electrons as 
the noble gas nearest to them in the periodic table. Helium has a 1s* valence 
electron configuration, and every other noble gas has an ns*np° valence electron 
configuration for a total of eight valence electrons. The observation that many 
reaction products have eight valence electrons is known as the octet rule. 


Lewis dot structures are a method for keeping track of each atom's valence 
electrons in a molecule. Drawing Lewis structures is a three-step process: 


1) Add the number of valence shell electrons for each atom. If the 
compound is an anion, add the charge of the ion to the total electron count 
because anions have "extra" electrons. If the compound is a cation, 
subtract the charge of the ion. 


2) Write the symbols for each atom in a spatial arrangement, showing how 
the atoms connect to each other. 


3) Draw a single bond (one pair of electron dots or a line) between each pair 
of connected atoms. Place the remaining electrons around the atoms as 
unshared pairs. If every atom has an octet of electrons except H atoms 
which have only two electrons, the Lewis structure is complete. Shared 
electrons count towards both atoms. If there are too few electron pairs to 
complete the octets with single bonds, draw multiple bonds (two or three 
pairs of electron dots between the atoms) until an octet is formed around 
each atom (except H atoms with two). If there are too many electron pairs 
to complete the octets with single bonds then the octet rule is broken for 
this compound. 


Example: Draw the Lewis dot structure of HCN. 
Solution: 
1) From their locations in the main group of the periodic table, we know that 
each atom contributes the following number of electrons: H—1, C4, 
N—5. Because it is a neutral compound, the molecule will have a total of 


10 valence electrons. 


2) The atoms are connected with C at the center and can be drawn as: 
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It is impossible for H to be the central atom because H has only one valence 

electron. Therefore, it will always have only a single bond to one other E 
atom. If N were the central atom then the formula would probably be H:C:N 
written as H N C. j 


3) First, try connecting the atoms with single bonds. This gives the structure 
to the right. H has two electrons to fill its valence subshells, but C and N 
only have six each. A triple bond between these atoms fulfills the octet 
rule for C and N and is the correct Lewis structure. 


H : CINN: 


Skill 7.5 Analyzing the characteristics of different types of bonds 
(covalent, ionic, metallic), including the role of electrons in 
bonding 


The type of attractive forces within solids depends on the identity of the 
unit particle and the chemical bonds it can form. The forces between atoms 
in a covalent network solid (such as carbon in diamond) are covalent bonds. 
These bonds result when at least one pair of electrons is shared by two atoms. 
The forces between atoms within metallic elements (such as iron) are metallic 
bonds. Electrostatic attractions—also called ionic bonds—are the forces 
between ions, atoms which have lost one or more electrons to become positively 
charged ions or which have gained one or more electrons to become negatively 
charged ions (such as those found in NaCl). Ionic compounds are often known 
as salts. Covalent, metallic, and ionic bonds are strong chemical bonds. 

An ionic bond occurs between a metal and a nonmetal. In an ionic bond, the 
metal "gives" an electron to the nonmetal. A covalent bond is favored 
between nonmetals. In a covalent bond, both atoms attract electrons and share 
electrons between them. A metallic bond is favored between metals. Ina 
metallic bond, atoms lose electrons to a matrix of free electrons surrounding 
them. Many bonds have some characteristics of more than one of the above 
basic bond types. 


lonic bonds 


An ionic bond describes the electrostatic forces that exist Cl i 
cr a+ T 


between particles of opposite charge. An ionic bond is the 
result of one atom losing electrons to another atom. The 
atom that loses electrons (cation) becomes positively 
charged and the atom that gains electrons (anion) becomes 
negatively charged. The bond is formed through the 
attraction between the positive and negative ions. 
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Due to low ionization energies, metals have a tendency to lose valence electrons 
relatively easily, whereas non-metals, which have high ionization energies and 
high electronegativities, gain electrons easily. Therefore, metals and non-metals 
form ionic bonds with each other. Anions and cations pack together into a crystal 
lattice, as shown to the right for NaCl. lonic compounds are also known as 
salts. 


Single and multiple covalent bonds 


A covalent bond forms when at least one pair of electrons is shared by two 
atoms. The shared electrons are found in the outermost valence energy level 
and lead to a lower energy if they are shared in a way that creates a noble gas 
configuration (a full octet). Covalent, or molecular, bonds occur when a non- 
metal is bonding to another non-metal. This is due primarily to the fact that non- 
metals have high ionization energies and high electronegativities. Neither atom 
wants to give up electrons; both want to gain them. In order to fill both octets, the 
electrons can be shared between the two atoms. 


The simplest covalent bond is between the two single electrons of hydrogen 
atoms. Covalent bonds may be represented by an electron pair (a pair of dots) 
or a line as shown below. The shared pair of electrons provides each H atom 
with two electrons in its valence shell (the 1s orbital), so both have the stable 
electron configuration of helium. 

H:H 


H—H 


H. + eH a 


Chlorine molecules have 7 electrons in their valence shell and share a pair of 
electrons so both have the stable electron configuration of argon. 


“C]- + Cl: aoe 
GE: 


In the previous two examples, a single pair of electrons was shared, and the 
resulting bond is referred to as a single bond. When two electron pairs are 
shared, two lines are drawn, representing a double bond, and three shared 
pairs of electrons represents a triple bond as shown below for CO; and N2. The 
remaining electrons are in unshared pairs. 


OEKO INEEN: 


O==C==0 — :N==N: 
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Electronegativity and polar/nonpolar covalent bonds 


Electron pairs shared between two atoms of the same element are shared 
equally (a non-polar bond). At the other extreme, for ionic bonding there is no 
electron sharing because the electron is transferred completely from one atom to 
the other. Most bonds fall somewhere between these two extremes, and the 
electrons are shared unequally (a polar bond). 


The polarity of a bond can be determined through an examination of the 
electronegativities of the atoms involved in the bond. The more electronegative 
atom will have a stronger attraction to the electrons, thus possessing the 
electrons more of the time. This results in a partial negative charge (6-) on the 
more electronegative atom and a partial positive charge (6+) on the less 
electronegative atom. 

6+ OH — 

H—Cl H—Cl 


Electronegativity is a measure of the ability of an atom to attract electrons in 
a chemical bond. Metallic elements have low electronegativities and nonmetallic 
elements have high electronegativities. Examples of electronegativities for the 
first few rows of the periodic table are shown in the figure below. 


Bad 


‘t e)) B)c) Ww) oy 
10/16 Haasaolealeo 
Na|Mg] | AI $i FP) sic 
oal kalkazatska 


Linus Pauling developed the concept of electronegativity and its relationship to 
different types of bonds in the 1930s. 


A large electronegativity difference (greater than 1.7) results in an ionic bond. 
Any bond composed of two different atoms will be slightly polar, but for a small 
electronegativity difference (less than 0.4), the distribution of charge in the 
bond is so nearly equal that the result is called a nonpolar covalent bond. An 
intermediate electronegativity difference (from 0.4 to 1.7) results in a polar 
covalent bond. For example, HCI has a polar covalent bond because Cl has an 
electronegativity of 3.2 and H has an electronegativity of 2.2. The difference of 
1.0 places this bond in the middle of the range for polar covalent bonds. 
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Polar and nonpolar molecules 


A polar molecule has positive and negative regions as shown on the next page 
for HCI. Bond polarity is necessary but not sufficient for molecular polarity. 
A molecule containing polar bonds will still be nonpolar if the most negative and 
most positive location occurs at the same point. In other words, in a polar 
molecule, bond polarities must not cancel. 


Bond type is actually a continuum as shown in the following chart for common 
bonds. Note that the C-H bond is considered nonpolar. 


Electronegativity 
difference 


Type of bonding 


Very ionic Na’ —F™ 
3.0 


2.0 Na*—Br 


| Mostly polar covalent 1.5 CF 


Polar covalent 1.0 H-*—cl- 


Increasing ionic character > 


0.5 Coe Ne 


Mostly nonpolar covalent C—H 


H2, N2, O2, 
Fully nonpolar covalent 0 Fo, Clo, Bro, l2, 
C—C, S—S 
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To determine if a molecule is polar perform the following steps. 


1) Draw the molecular structure. 

2) Assign a polarity to each bond with an arrow (remember C-H is nonpolar). 
If none of the bonds are polar, the molecule is nonpolar. 

3) Determine if the polarities cancel each other in space. If they do, the 
molecule is nonpolar. Otherwise the molecule is polar. 


Examples: Which of the following are polar molecules: CO2, CH2Cl2, CCla. 
Solution: 1) Cl Cl 
O= CG0 l l i 
Ti Tl 1" II 
ca Na ar No 


CO, CH;Cl, CCl4 


2) Cl T 
PO Te 
— Aan = ~~ 
ae ee Nęuy a Yc 
Cl H NYoi 
charges cancel net dipole charges cancel 
3) Tag 
nonpolar polar nonpolar 


The polarity of molecules is critical for determining a good solvent for a given 
solute. Additional practice on the topic of polar bonds and molecules is available 
at http://cowtownproductions.com/cowtown/genchem/09 _17M.htm. 
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Skill 7.6 Predicting physical and chemical properties based on the 
bonding in a substance 


Much of chemistry consists of atoms bonding to achieve stable valence electron 
configurations. Nonmetals gain electrons or share electrons to achieve these 
configurations and metals lose electrons to achieve them. 


Qualitative group trends 


When cut by a knife, the exposed surface of an alkali metal or alkaline earth 
metal quickly turns into an oxide. These elements do not occur in nature as 
free metals. Instead, they react with many other elements to form white or grey 
water-soluble salts. With some exceptions, the oxides of group 1 elements have 
the formula M20, their hydrides are MH, and their halides are MX (for example, 
NaCl). The oxides of group 2 elements have the formula MO, their hydrides are 
MHg, and their halides are MX2 (for example, CaClz). 


Halogens form a wide variety of oxides and also combine with other halogens. 
They combine with hydrogen to form HX gases, and these compounds are also 
commonly used as acids (hydrofluoric, hydrochloric, etc.) in aqueous solution. 
Halogens form salts with metals by gaining electrons to become X` ions. 
Astatine is an exception to many of these properties because it is an artificial 
metalloid. 


Noble gases are nearly chemically inert. The heavier noble gases form a 
number of compounds with oxygen and fluorine such as KrF2 and XeO, 


Electronegativity and reactivity series 


Electronegativity measures the ability of an atom to attract electrons ina 
chemical bond. The most metallic elements have the lowest electronegativity, so 
they give up their electrons easily. The most nonmetallic have the highest 
electronegativity, thereby attracting electrons easily. 


In a reaction with a metal, the most reactive chemicals are the most 
electronegative elements or compounds containing those elements. Ina 
reaction with a nonmetal, the most reactive chemicals are the least 
electronegative elements or compounds containing them. The reactivity of 
elements may be described by a reactivity series: an ordered list with chemicals 
that react strongly at one end and nonreactive chemicals at the other. The 
following reactivity series is for metals reacting with oxygen: 
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Na Mg | Al [Zn | Fe | Pb | Cu | Hg | Ag | Au | 


violently 
Copper, silver, and gold (group 11) are known as the noble metals or coinage 
metals because they rarely react. 


Burns rapidly 


Valence and oxidation numbers 


The term valence is often used to describe the number of atoms that may react 
to form a compound with a given atom by sharing, removing, or losing valence 
electrons. (Valence, meaning fringe, was a term used to refer to the electrons in 
the outermost electron level or shell.) A more useful term is oxidation number. 
The oxidation number of an ion is its charge. The oxidation number of an 
atom sharing its electrons is the charge it would have if the bonding were 
ionic. 


There are four rules for determining oxidation number: 


1) The oxidation number of an element (i.e., a Cl atom in Clz) is zero 
because the electrons in the bond are shared equally. 


2) In acompound, the more electronegative atoms are assigned negative 
oxidation numbers and the less electronegative atoms are assigned 
positive oxidation numbers equal to the number of shared electron-pair 
bonds. For example, hydrogen may only have an oxidation number of 
—1 when bonded to a less electronegative element or +1 when bonded 
to a more electronegative element. Oxygen almost always has an 
oxidation number of —2. Fluorine always has an oxidation number of — 
1 (except in F2). 


3) The oxidation numbers in a compound must add up to zero, and the 
sum of oxidation numbers in a polyatomic ion must equal the overall 
charge of the ion. 


4) The charge on a polyatomic ion is equal to the sum of the oxidation 
numbers for the species present in the ion. For example, the sulfate 
ion SO,” has a total charge of -2. This comes from adding the -2 
oxidation numbers for 4 oxygen atoms (total -8) and the +6 oxidation 
number for sulfur. 
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Example: What is the oxidation number of nitrogen in the nitrate ion, NO, ? 


Solution: Oxygen has the oxidation number of —2 (rule 2), and the sum of 
the oxidation numbers must be —1 (rule 3). The oxidation number 


for N may be found by solving for x in the equation x +3 x (-2) =-1. 
The oxidation number of N in NO,” is +5. 
There is a periodicity in oxidation numbers as shown in the table below for 


examples of oxides with the maximum oxidation number. Remember that some 
elements occur in different compounds in several different oxidation states. 


Oxide with maximum | LizO 
oxidation number 
Oxidation number 


They are called "oxidation numbers" because oxygen was the element of choice 
for reacting with materials when modern chemistry began. The result was that 
Mendeleev’s periodic first table looked very similar to this one. 


Acidity/alkalinity of oxides 


Metal oxides form basic solutions in water because the ionic bonds break 
apart and the O* ion reacts to form hydroxide ions: 


metal oxide — metal cation(aq) +O* (aq) and O* (aq)+H,O(!) > 2 OH (aq) 


lonic oxides containing a large cation with a low charge (Rb2O, for example) are 
most soluble and form the strongest bases. 


Covalent oxides form acidic solutions in water by reacting with water. For 
example: 


SO,(/) +H,O(/) + H,SO,(aq) > H*(aq) +HSO, (aq) 
Cl,0,(/) + H,O(/) > 2HCIO, (aq) > 2H" (aq) + 2ClO, (aq) 


Covalent oxides at high oxidation states and high electronegativities form the 
strongest acids. For this skill, note that the periodic trends for acid and base 
strength of the oxide of an element follows the same pattern we've seen before. 
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Summary of Periodic Trends on the Periodic Table 


Group Trends (top to bottom): 


Increases: atomic radius, nuclear charge, ionic size, shielding effect, 
atomic number (number of protons, number of electrons), covalent 
character of halides, acidity of oxides 


Decreases: ionization energy, electron affinity, electronegativity, metallic 
character, ionic character of halides, alkalinity of oxides 


Period Trends (left to right): 


Increases: electronegativity, nuclear charge, ionization energy, electron 
affinity, atomic number (number of protons, number of electrons), acidity 
of oxides 


Decreases all the way across: atomic radius, metallic character, ionic 
character of halides, alkalinity of oxides 


Decreases through cations (positive) and again through anions: ionic size 
Stays the same left to right: shielding effect 


Skill 7.7 Using VSEPR theory to explain molecular geometry and 
polarity 


Molecular geometry is predicted using the valence-shell electron-pair repulsion or 
VSEPR model. VSEPR uses the fact that electron pairs around the central 
atom of a molecule repel each other. Imagine you are one of two pairs of 
electrons in bonds around a central atom (like a bonds in BeH: in the table 
below). You want to be as far away from the other electron pair as possible, so 
you will be on one side of the atom and the other pair will be on the other side. 
There is a straight line (or a 180° angle) between you to the other electron pair 
on the other side of the nucleus. In general, electron pairs lie at the largest 
possible angles from each other. 
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Electron . Predicted 
: Geometrical arrangement Example 
pairs bond angles 
2 fh Linear 180° 
H—Be—H 
i} F 
3 = x N Trigonal planar 120° | 
(AE Binet aa 
i H 
4 T AnI Tetrahedral 109.5° I 
; oe “ulpe oe TE 
WEIN! H X, 
PN F 
K fs se 120° | 
ey er nÈ o s . . “at 
5 eX! Trigonal bipyramidal and ae 
A eas 90° | F 
i F 
wef ss. F 
6 “fhe T . Octahedral 90 is l o: 
e A ele ctahedra . S4 
N, |N 


X represents a generic central atom. Lone pair electrons on F are not shown in 
the example molecules. 


Unshared Electron Pairs 


The shape of a molecule is given by the location of its atoms. These are 
connected to central atoms by shared electrons, but unshared electrons also 
have an important impact on molecular shape. Unshared electrons may 
determine the angles between atoms. Molecular shapes in the following table 
take into account total and unshared electron pairs. 
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Molecular shape 


Electro} All shared | 1 unshared | 2 unshared | 3 unshared 4 unshared 
n pairs pairs pair pairs pairs pairs 
2 A—X—A 
Linear 
A A 
X 
3 X 
A NY Al. SA 
Trigonal 
planar Bent 
A ee 7 
4 ee aN X 7 
A A TA AIAS N 
Tetrahedral Trigonal Bent 
pyramidal 
Pel: Neal 4 i 
A “wA s : 
A—x : xo . 
A— X X 
> | Da | Da |o: po: 
A A A A 
Trigonal Seesaw or ; 
; : T-shaped Linear 
bipyramidal | sawhorse 
A 
A A R i A A 
Am, | sA - = Alm, nA i | i | : 
A A 
A Saine zi A A 
Octohedral : T-shaped Linear 
pyramidal Square planar p 


X represents a generic central atom bonded to atoms labeled A. 
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Altered Bond Angles 


Unpaired electrons also have a less dramatic impact on molecular shape. The 
shared electron pairs are each attracted partially to the central atom and partially 
to the other atom in the bond, but the unpaired electrons are different. They are 
attracted to the central atom, but there is nothing on your their side, so they are 
free to expand toward the central atom. That expansion means that they take up 
more room than the other electron pairs, and the others are all squeezed a little 
closer together. Multiple bonds have a similar effect because more space is 
required for more electrons. In general, unshared electron pairs and multiple 
bonds decrease the angles between the remaining bonds. A few examples 
are shown in the following tables. 


Compound CH, NH3 H20 
Unshared electrons 0 1 2 
j ee 
Shape aH Zn a : 
H z H Hie H 
Tetrahedral | Trigonal pyramidal Bent 
Compound BF3 CH, (ethylene) 
Multiple bonds 0 1 
F H, H 
x Kee, 
B—-F TN 
Shape y / \ 
= H H 
Trigonal planar Trigonal planar 


Summary 
In order to use VSEPR to predict molecular geometry, perform the following 
steps: 
1) Write out Lewis dot structures. 
2) Use the Lewis structure to determine the number of unshared electron 
pairs and bonds around each central atom counting multiple bonds as one 


(for now). 


3) The second table of this skill gives the arrangement of total and unshared 
electron pairs to account for electron repulsions around each central atom. 
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4) For multiple bonds or unshared electron pairs, decrease the angles 
slightly between the remaining bonds around the central atom. 


5) Combine the results from the previous two steps to determine the shape 
of the entire molecule. 


http://www.shef.ac.uk/chemistry/vsepr/ is a good site for explaining and 
visualizing molecular geometries using VSEPR. 


http://cowtownproductions.com/cowtown/genchem/09_16T.htm provides some 
practice for determining molecular shape 


Skill 7.8 Identifying types of intermolecular forces and relating them to 
the physical properties of molecular substances. 


The intermolecular forces between polar molecules are known as dipole-dipole 
interactions. The partial positive charge of one molecule is attracted to the 
partial negative charge of its neighbor. Polar molecules (Such as CH3Cl) form 
molecular solids with dipole-dipole bonds between units. Polar molecules with H 
on one molecule attracted to O, N, or F on an adjacent molecule (like H20) form 
relatively strong dipole-dipole bonds known as hydrogen bonds between 
molecules. 


When a nonpolar molecule (or a noble gas atom) encounters an ion, its electron 
density is temporarily distorted resulting in an induced dipole that will be 
attracted to the ion. Intermolecular attractions due to induced dipoles ina 
nonpolar molecule are known as London forces or Van der Waals 
interactions. London dispersion forces are the only attractions between the 
units of non-polar molecules (like saturated hydrocarbons and Nz) and the noble 
gases when they form solids at low temperatures. London dispersion forces are 
the weakest intermolecular attractions, but these attractions grow stronger for 
larger molecules because a larger electron cloud is more easily polarized. The 
strength of London dispersion forces also increases for molecules witha 
larger surface area because there is greater opportunity for electrons to 
influence neighboring molecules if there is more potential contact between the 
molecules. Paraffin in candles is an example of a solid held together by weak 
London forces between large molecules. These materials are soft. 

The impact of intermolecular forces on substances is best understood by 
imagining ourselves shrinking down to the size of molecules and picturing what 
happens when we stick more strongly to molecules nearby. It will take more 
energy (higher temperatures) to pull us away from our neighbors. 


If two substances are being compared, the material with the greater 
intermolecular attractive forces (i.e. the stronger intermolecular bond) will 
require more energy to pull apart the molecules. Substances with greater 
intermolecular forces will have the following properties: 
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For solids: 

Higher melting point 
Higher enthalpy of fusion 
Greater hardness 

Lower vapor pressure 


For liquids: 

Higher boiling point 

Higher critical temperature 
Higher critical pressure 

Higher enthalpy of vaporization 
Higher viscosity 

Higher surface tension 

Lower vapor pressure 


Compare the final three properties for liquids to the table for liquids in 0025. 
Intermolecular attractive forces have the opposite effect from temperature. 


For gases: 
Intermolecular attractive forces are neglected for ideal gases, as they seldom 
have observable effects. 


For example, H2O and NH3 are liquids at room temperature because they contain 
hydrogen bonds. These bonds are of intermediate strength, so the melting point 
of these compounds is lower than room temperature and their boiling point is 
higher than room temperature. H2S contains weaker dipole-dipole interactions 
than H2O because the sulfur atoms do not form hydrogen bonds. Therefore, H2S 
is a gas at room temperature due to its low boiling point. Small non-polar 
molecules such as CO;,, N2, or atoms such as He are gases at room temperature 
due to very weak London forces, but larger non-polar molecules such as octane 
or CCl, may be liquids, and very large non-polar molecules such as paraffin will 
be soft solids. 
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COMPETENCY 8.0 APPLY THE MOLE CONCEPT AND THE PRINCIPLES 
AND METHODS OF STOICHIOMETRY. 


Skill 8.1 Defining a mole and recognizing the significance of the mole 
concept 


A single atom or molecule weighs very little in grams and cannot be measured 
using a balance the lab. It’s useful to have a system that permits a large number 
of chemical particles to be described as one unit, analogous to referring to a 
dozen and having everyone interpret that as meaning 12 of something or 
referring to one gross as 144. A useful number of atoms, molecules, or formula 
units is that number whose mass in grams is numerically equal to the 
atomic mass, molecular mass, or formula mass of that substance. This 
quantity is called the mole, abbreviated mol. Because the 1°C isotope is 
assigned an exact value of 12 atomic mass units, there are exactly 12 g of **C in 
one mole of C. The atomic mass unit is also called a Dalton, and "u" (for 
"unified atomic mass unit") or "Da" may be used as an abbreviation. Older texts 
use "amu." To find the molecular weight of a substance, use the periodic table to 
determine the molecular weight of each atom in the substance and multiply by 
the number of atoms of that substance present. 


Example: 


Al,(SO,), molecular weight = 2 (26.982 u for Al)+ 3 (82.065 u for S)+12 (15.999 u for O) 


= 342.147 u. 
Therefore 1 mol Al, (SO,), = 342.147 g Al,(SO,),. 


It’s been found experimentally that this number of atoms, ions, molecules, or 
anything else in one mole is 6.022045 x 10%. For most purposes, three 
significant digits are sufficient, and 6.02 x 10” will be used. This value was 
named in honor of Amedeo Avogadro after his death and it is referred to as 


Avogadro’s number. 
The table on the next page illustrates why the mole and Avogadro’s number are 


useful. These concepts permit us to think about interactions among individual 
molecules and atoms while measuring many grams of a substance. 
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Formula | Mass of 1 mol Number and kind of 
Formula | weight of formula particles in 1 mol 
(u) units (g) 

Atomic hydrogen H 1.0079 1.0079 6.02 x 10°” H atoms 
Molecular H2 2.0158 2.0158 6.02 x 10” H2 
hydrogen molecules 

2(6.02 x 10”) H atoms 

Silver Ag 107.87 107.87 6.02 x 10” Ag atoms 

Silver ions Ag’ | 107.87 107.87 6.02 x 107° Ag“ ions 
6.02 x 10” BaCl units 

Barium chloride | BaCl, | 208.24 208.24 6.02 x 10” Ba” ions 
2(6.02 x 10% CT ions 


Skill 8.2 Calculating the number of moles in a given mass or volume of 
a substance 


To convert mass in grams to moles: 
1. First determine the molar mass (molecular weight) of the substance by 
adding the masses for each element in the substance in the substance 
and multiplying by the number of atoms of the element present: 


Example: Determine the molar mass of CuSQO,z. 


Solution: 1 mole of Cu = 63.5 g + 1 mol of S=32g+4molO=4 
x 16 or 48 g = 143.5 g/mol 


2. Determine the number of moles present using the molar mass 
conversion: 1 mol = molar mass of substance. Put the 1 mol on the top of 
the fraction and molar mass on the bottom of the fraction so that the 
grams of the substance cancel and the answer is in moles of the 
substance. 


Example: If you have 315 g of CuSO, how many moles is that? 
Solution: 315 g x 1 mol/143.5 g = 2.20 mol CuSO, 
Moles to mass (grams) conversions are just the reverse of the process above. 


You will need to flip the conversion factor so that grams are on the top of the 
fraction. 
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Mass-mass stoichiometry problems 


In amass-mass stoichiometry problem, the mass of one compound that 
participates in a reaction is given and the mass of a different compound is 
required. Solving these problems is a three-step process: 


1) Grams of the given compound (Known mass) are converted to moles 
(known moles) using molecular mass. 

2) The moles of the given compound (known moles) are related to moles of 
the second compound (unkown moles) by relating their stoichiometric 
coefficients. 

3) The moles of the second compound (unkown moles) are converted to 
grams (unkown mass) using the molecular mass of the compound. 


These steps are often combined in one series of multiplications, which may be 
described as "grams of known to moles of known to moles of unknown to 
grams of unknown." 


Example: What mass of oxygen is required to consume 95.0 g of ethane in this 
reaction: 2C,H, + 70, —> 4CO, + 6H,O? 


step 1 step 2 step 3 
Solution: 1 mol C,H, 7molO, 32.090, 
95.0 g C,H, x x x 
30.1g C,H, 2molC,H, 1molO, 


= 359 g O, 


By expressing the molecular mass of the first or given compound as moles per 
gram, the grams of the known cancel. By putting the moles of the known 
compound on the bottom with the molecular coefficient of the unknown 
compound on top in the second conversion the moles of the known are canceled 
and converted to moles of unknown. And finally, by expressing the molecular 
mass of the second compound as grams per mole, its moles are converted to 
grams for the final answer and the units (by canceling) end up as grams of the 
unknown. 


Skill 8.3 Solving problems involving molecular and formula masses 
and percent composition 


A mole fraction is used to represent a component in a solution as a portion of 
the entire number of moles present. If you were able to pick out a molecule at 
random from a solution, the mole fraction of a component represents the 
probability that the molecule you picked would be that particular component. 
Mole fractions for all components must sum to one, and mole fractions are just 
numbers with no units. 
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moles of component 


Mole fraction of a component: ————?$$?{_— — 
total moles of all components 


The percent composition of a substance is the percentage by mass of each 
element. Chemical composition is used to verify the purity of a compound in the 
lab. An impurity will make the actual composition vary from the expected one. 


To determine percent composition from a formula, do the following: 


1) Write down the number of atoms each element contributes to the 
formula. 


2) Multiply these values by the molecular weight of the corresponding 
element to determine the grams of each element in one mole of the 
formula. 


3) Add the values from step 2 to obtain the formula mass. 


4) Divide each value from step 2 by the formula mass from step 3 and 
multiply by 100% to obtain the percent composition of each element. 


The first three steps are the same as those used to determine formula mass, but 
we use the intermediate results to obtain the composition. 


Example: What is the chemical composition of ammonium carbonate 
(NH4)2CO3? 


Solution: 
1) One (NH,)2CO3 contains 2 N atoms, 8 H atoms, 1 C atom, and 3 O atoms. 


2) 2 mol N 24.0 gN 
mol (NH,)CO;  molN 

8(1.0) = 8.0 g H/mol (NH,)CO, 

1(12.0) =12.0 g C/mol (NH,)CO, 

3(16.0) = 48.0 g O/mol (NH,)CO, 

Sum is 96.0 g (NH,)CO, /mol (NH,)CO, 


= 28.0 g N/mol (NH,)CO, 


3) 


28.0 g N/mol (NH,),CO, 


4) %N= 
96.0 g (NH,),CO, /mol (NH,),CO, 


= 0.292 g N/g (NH,),CO, x 100% = 29.2% 


: 12.0 48.0 
%H= ee x 100% = 8.3% %C=— x100%=12.5% %O=— x 100% = 50.0% 
96.0 96.0 96.0 
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Skill 8.4 Determining empirical and molecular formulas 


If we know the chemical composition of a compound, we can calculate an 
empirical formula for it. An empirical formula is the simplest formula using the 
smallest set of integers to express the ratio of atoms present in a molecule. 


To determine an empirical formula from a percent composition, do the following: 


1) Change the “%” sign to grams for a basis of 100 g of the compound. 
2) Determine the moles of each element in 100 g of the compound. 

3) Divide the values from step 1 by the smallest value to obtain ratios. 
4) Multiply by an integer if necessary to get a whole-number ratio. 


Example: What is the empirical formula of a compound with a composition of 
63.9% Cl, 32.5% C, and 3.6% H? 


Solution: 


1) We will use a basis of 100 g of the compound containing 63.9 g Cl, 32.5 g 
C, and 3.6 g H. 


2) In 100 g, there are: 63.9 g Cl x -mota = 1.802 mol CI 
35.45 g CI 
32.5/12.01=2.706 mol C 


3.6/1.01=3.56 mol H 


3) Dividing these values by the smallest yields: 


2.706 mol © _ 4502 mol C/mol CI 
1.802 mol CI 
3:56 mol H _4 97 mol H/mol Cl 
1.802 mol Cl 


Therefore, the elements are present in a ratio of C:H:Cl=1.50:2.0:1 


4) Multiply the entire ratio by 2 because you cannot have a fraction of an 
atom. This corresponds to a ratio of 3:4:2 for an empirical formula of 
C3HaClo. 


The molecular formula describing the actual number of atoms in the 
molecule might also be C3H,4Cle or it might be CgHgCl, or some other multiple 
that maintains a 3:4:2 ratio. You would have to know the molecular mass of the 
compound and compare it as a multiple of the molecular mass of the empirical 
formula of the compound to correctly determine the compound’s molecular 
formula. 
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Skill 8.5 Applying the law of conservation of mass to solve problems 
involving moles, mass, and volume and problems involving 
solution chemistry 


A properly written chemical equation must contain properly written formulas and 
must be balanced. If the reaction represents a closed system, as is usually the 
case, then the law of mass conservation tells us that no mass can be gained or 
loss during the reaction. Furthermore, if no nuclear decay is occurring, the 
number of atoms of each element must remain constant. That is, there will be 
same number of each type of atom on the left and right hand side of the 
equation. 


Chemical equations are written to describe a certain number of moles of 
reactants becoming a certain number of moles of products. The number of 
moles of each compound is indicated by its stoichiometric coefficient. 


Example: In the reaction: 
2H,(g) + O,(9) > 2H,O(/) 


hydrogen has a stoichiometric coefficient of two, oxygen has a coefficient of one, 
and water has a coefficient of two because 2 moles of hydrogen react with 1 
mole of oxygen to form two moles of water. 


In a balanced equation, the stoichiometric coefficients are chosen so that the 
equation contains an equal number of each type of atom on each side. In our 
example, there are four H atoms and two O atoms on both sides. Therefore, the 
equation is balanced with respect to atoms. 


See Skill 8.6 for further examples of balancing chemical equations. 
Skill 8.6 Balancing chemical equations 
Balancing equations is a multi-step process. 


1. Determine the correct formulas for all compounds. 


2. Write an unbalanced equation. This requires knowledge of the proper 
products which can be predicted from the reactants. Reactants are written 
on the left and products are written on the right. 


3. Determine the number of each type of atom on each side of the 
equation to determine if the equation is already balanced. Under the 
reactants, list all the elements in the reactants starting with metals, then 
nonmetals, listing oxygen last and hydrogen next to last. Under the 
products, list all the elements in the same order as those under the 
reactants — preferably, straight across from them. 
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4. Count the atoms of each element on the left side and list the numbers next 
to the elements. Repeat for products. Don’t forget that subscripts outside a 
parenthesis multiply subscripts inside the parenthesis. If each element has 
the same number of atoms on the right that it has on the left, the equation 
is balanced. If not, proceed to Step 5. 


5. For the first element in the list that has unequal numbers of atoms, use a 
coefficient (whole number to the left of the compound or element) on 
either the left of the arrow or the right of the arrow to give an equal number 
of atoms. NEVER change the subscripts to balance an equation. 


6. Go to the next unbalanced element and balance it, moving down the list 
until all are balanced. 


7. Start back at the beginning of the list and actually count the atoms of each 
element on each side of the arrow to make sure the number listed is the 
actual number. Re-balance and re-check as needed. 


Example: Balance the chemical equation describing the combustion of methanol 
in oxygen to produce only carbon dioxide and water. 


Solution: 


1) The structural formula of methanol is CH3OH, so its molecular 
formula is CH40. We know from 0016 that carbon dioxide is CO>. 
Therefore the unbalanced equation is: 

CH,O + O, > CO, +H,O. 


2) On the left there are 1 C atom, 4 H atoms, and 3 O atoms. On the 
right, there are 1 C atom, 2 H atoms, and 3 O atoms. The equation 
seems close to being balanced, but there is still work to do. 


3) Assuming that CH,O has a stoichiometric coefficient of one means 
that the left side has 1 C atom and 4 H atoms that must be present 
on the right. Therefore the stoichiometric coefficient of CO2 will be 
1 to balance C and the stoichiometric coefficient of H2O will be 2 to 
balance H. Now we have: 


CH,0+ ?0, > CO, + 2H,O. 
and only oxygen remains unbalanced. There are 4 O on the right 
and one of these is accounted for by methanol leaving 3 O to be 


accounted for by O2. This gives a stoichiometric coefficient of 3/2 
and a balanced equation: 


3 
CH,O + 50, > CO, + 2H,O. 
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4) Whole-number coefficients are achieved by multiplying by two: 
2CH,0+ 30, —> 2CO, + 4H,O. 


Example: Balance the following equation: 


Al(OH)3 + NaOH — NaAlO>z + H20 


Solution: List the elements, starting with metals, then nonmetals , then 
hydrogen, and oxygen under each side of the equation. Then list how 
many atoms of each are represented in the equation. 


Al=1 Al=1 
Na=1 Na=1 
H=3+1=4 H =2 
O =34+1=4 O =24+1=3 


By placing a coefficient of 2 in front of H20 on the right, a total of 4 H 
and 2 + 2 or 4 O will be obtained. The equation will then be balanced. 


Al(OH)3 + NaOH — NaAlOz + 2 H2O 


Skill 8.7 Solving problems involving limiting reagents and percent yield 


The limiting reagent of a reaction is the reactant that runs out first. This 
reactant determines the amount of product formed, and any other reactants 
remain unconverted to product and are called excess reagents. 


The limiting reagent may be determined by dividing the number of moles of 

each reactant by its stoichiometric coefficient. This determines the moles of 
reaction if each reactant were limiting. The lowest result will indicate the actual 
limiting reagent. Remember to use moles and not grams for these calculations. 


Example: Consider the reaction 3H, +N, — 2NH, and suppose that 3 mol H2 


and 3 mol N: are available for this reaction. What is the limiting 
reagent? 


Solution: The equation tells us that 3 mol H2 will react with one mol N2 to 


produce 2 mol NH3. This means that 2 mol N2 (started with 3 and used 
1) will remain so Hz is the limiting reagent because it runs out first. 
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Example: 50.0 g Al and 400. g Brz react according the the following equation: 
2Al+ 3Br, > 2AlBr, 
until the limiting reagent is completely consumed. Find the limiting 
reagent, the mass of AIBr3 expected to form, and the excess reagent 
expected to remain after the limiting reagent is consumed. 
Solution: First convert both reactants to moles: 


50.0 g Alx——™*'__1.853 mol Al and 400. g Br, x Ml Bh 
26.982 g Al 159.808 g Br, 


= 2.503 mol Br,. 


The final digits in the intermediate results above are italicized because they are 
insignificant. 


Dividing by stoichiometric coefficients gives: 


mol reaction me Sel aut 

1.853 mol Al x a a ele 0.9265 mol reaction if Al is limiting 
2 mol Al 

mol reaction 


2.503 mol Br, x 
3 mol Br, 


= 0.8343 mol reaction if Br, is limiting. 


Brz is the lower value and is, therefore, the limiting reagent. 


The reaction is expected to produce: 
2 mol AIBr, e 266.694 g AIBr, 


2.503 mol Br, x = 445 g AIBr,. 
3 mol Br, mol AIBr, 
The reaction is expected to consume: 
2.503 mol Br, x MAL ,, 26.982 9 Al _ 450g Al. 


—————__ X 
3 mol Br, mol Al 


50.0 g Al — 45.0 g Al = 5.0 g Al are expected to remain. 
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The yield of a reaction is the amount of product obtained. This value is 
nearly always less than what would be predicted from a stoichiometric calculation 
because side-reactions may produce different products, the reverse reaction may 
occur, and some material may be lost during the procedure. The yield from a 
stoichiometric calculation on the limiting reagent is called the theoretical yield. 


Percent yield is the actual yield divided by the theoretical yield times 100%: 


Actual yield 


—_—__*——_ x 100%. 
Theoretical yield 


Percent yield = 


Example: 387 g AIBr3 are produced by the reaction described in the previous 
example. What is the percent yield? 


Solution: 2879 AlBS ,. 100% = 87.0% yield. 
445 g AIBr, 
Skill 8.8 Recognizing net ionic equations 


When two or more pure materials mix in a homogeneous way (with their 
molecules intermixing on a molecular level), the mixture is called a solution. 
Particles in solution are free to move about and collide with each other, vastly 
increasing the likelihood that a reaction will occur compared with particles in a 
solid phase. Reactions among ions in aqueous solution are often represented in 
three ways. When solutions of hydrochloric acid and sodium hydroxide are 
mixed, a reaction occurs and heat is produced. The molecular equation for this 
reaction is: 


HCl(aq) + NaOH(aq) > H,O(/) + NaCl(aq) 


It is called a molecular equation because the complete chemical formulas of 
reactants and products are shown. But in reality, both HCI and NaOH are strong 
electrolytes and exist in solution as ions. This is represented by a complete 
ionic equation that shows all the dissolved ions: 


H* (aq) + Cl (aq) + Na*(aq) + OH (aq) > H,O(/) + Na+ (aq) + CF (aq) 


Because Na’ (aq) and CI (aq) appear as both reactants and products, they play 
no role in the reaction. lons that appear in identical chemical forms on both sides 
of an ionic equation are called spectator ions because they aren't part of the 
action. 


When spectator ions are removed from a complete ionic equation, the result is a 
net ionic equation that shows the actual changes that occur to the chemicals 
when these two solutions are mixed together: 


H* (aq) + OH (aq) > H,O(/) 
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COMPETENCY 9.0 APPLY KNOWLEDGE OF CHEMICAL EQUILIBRIUM AND 
REACTION RATES. 


Skill 9.1 Analyzing the effects of concentration, pressure, temperature, 
and catalysts on chemical equilibrium and applying Le 
Chatelier's principle to chemical systems 


In order for one species to be converted to another during a chemical reaction, 
the reactants must collide. The collisions between the reactants determine how 
fast the reaction takes place. However, during a chemical reaction, only a fraction 
of the collisions between the appropriate reactant molecules convert them into 
product molecules. This occurs for two reasons: 


1) Not all collisions occur with a sufficiently high energy for the reaction to 
occur. 
2) Not all collisions orient the molecules properly for the reaction to occur. 


The activation energy, Ea, of a reaction is the minimum energy to overcome 
the barrier to the formation of products and allow the reaction to occur. This 
is the minimum energy needed for the reaction to occur. 


At the scale of individual molecules, a reaction typically involves a very small 
period of time when old bonds are broken and new bonds are formed. During 
this time, the molecules involved are in a transition state between reactants and 
products. A threshold of maximum energy is crossed when the arrangement of 
molecules is in an unfavorable intermediate state between reactants and 
products known as the activated complex. Formulas and diagrams of activated 
complexes are often written within brackets to indicate they are transition states 
that are present for extremely small periods of time. 


The activation energy, Ea, is the difference between the energy of reactants and 
the energy of the activated complex. The energy change during the reaction, 

_AE, is the difference between the energy of the products and the energy of the 
reactants. The activation energy of the reverse reaction is E,-AE. These energy 
levels are represented in an energy diagram such as the one shown below for 
the reaction NO2 + CO + NO + CO». This is an exothermic reaction because the 
products are lower in energy than the reactants. 
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Enerav—> 


Reaction pathway—> 


An energy diagram is a conceptual tool, so there is some variability in how its 
axes are labeled. The y-axis of the diagram is usually labeled energy (E), but it 
is sometimes labeled "enthalpy (H)" or (rarely) "free energy (G)." There is an 
even greater variability in how the x-axis is labeled. The terms "reaction 
pathway,” "reaction coordinate," "course of reaction,” or "reaction progress" may 
be used on the x-axis, or the x-axis may remain without a label. 


The energy diagrams of an endothermic and exothermic reaction are compared 


Endothermic reaction 


Reaction pathway Reaction pathway 


A Catalyst is a material that increases the rate of a chemical reaction without 
changing itself permanently in the process. Catalysts provide an alternate 
reaction mechanism for the reaction to proceed in the forward and in the reverse 
direction. Therefore, catalysts have no impact on the chemical equilibrium of 
areaction. They will not make a less favorable reaction more favorable. 


Catalysts reduce the activation energy of a reaction. This is the amount of 
energy needed for the reaction to begin. Molecules with such low energies that 
they would have taken a long time to react will react more rapidly if a catalyst is 
present. 
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The impact of a catalyst may also be represented on an energy diagram. A 
catalyst increases the rate of both the forward and reverse reactions by 
lowering the activation energy for the reaction. Catalysts provide a different 
activated complex for the reaction at a lower energy state. 


without catalyst 


Reaction pathway—> 


The rate of most simple reactions increases with temperature because a 
greater fraction of molecules have the kinetic energy required to overcome 
the reaction's activation energy. The chart below shows the effect of temperature 
on the distribution of kinetic energies in a sample of molecules. These curves 
are called Maxwell-Boltzmann distributions. The shaded areas represent the 
fraction of molecules containing sufficient kinetic energy for a reaction to occur. 
This area is larger at a higher temperature; so more molecules are above the 
activation energy and more molecules react per second. 


Distribution 
L at low T 


Activation energy for a 
reaction 


| 


Distribution 
at high T 


Fraction of Molecules> 


Kinetic Energy 


http://www.mhhe.com/physsci/chemistry/essentialchemistry/flash/activa2.swt 
provides an animated audio tutorial on energy diagrams. 
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A system at equilibrium is in a state of balance because the forward and the 
reverse processes are taking place at equal rates. If the equilibrium is disturbed 
by changing concentration, pressure, or temperature, the state of balance is 
upset for a period of time before the equilibrium shifts to achieve a new state of 
balance. Le Chatelier's principle states that equilibrium will shift to partially 
offset the impact of an altered condition. 


Change in reactant and product concentrations 


If a chemical reaction is at equilibrium, Le Chatelier's principle predicts that 
adding a substance—either a reactant or a product—uwill shift the reaction soa 
new equilibrium is established by consuming some of the added 
substance. Removing a substance will cause the reaction to move in the 
direction that forms more of that substance. 


Example: The reaction CO + 2H2 <> CH3OH is used to synthesize methanol. 
Equilibrium is established, and then additional CO is added to the 
reaction vessel. Predict the impact on each reaction component after 
CO is added. 


Solution: Le Chatelier's principle states that the reaction will shift to partially 
offset the impact of the added CO. Therefore, the CO concentration 
will decrease, and the reaction will "shift to the right." The H2 
concentration will also decrease and the CHOH concentration will 
increase. 


Change in pressure for gases 


If a chemical reaction is at equilibrium in the gas phase, Le Chatelier's principle 
predicts that an increase in pressure will shift the reaction so a new 
equilibrium is established by decreasing the number of gas moles present. 
A decrease in the number of moles partially offsets this rise in pressure. 
Decreasing pressure will cause the reaction to move in the direction that forms 
more moles of gas. These changes in pressure might result from altering the 
volume of the reaction vessel at constant temperature. 


Example: The reaction N2 + 3H2 <+> 2NH3 is used to synthesize ammonia. 
Equilibrium is established. Next the reaction vessel is expanded at 
constant temperature. Predict the impact on each reaction component 
after this expansion occurs. 


Solution: The expansion will result in a decrease in pressure (see Boyle's Law 
in 0010). Le Chatelier's principle states that the reaction will shift to 
partially offset this decrease by increasing the number of moles 
present. There are 4 moles of gas on the left side of the equation and 
2 moles of gas on the right, so the reaction will shift to the left. Nz and 
H2 concentration will increase; NH3 concentration will decrease. 
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Change in temperature 


Le Chatelier's principle predicts that when heat is added at constant pressure to 
a system at equilibrium, the reaction will shift in the direction that absorbs 
heat until a new equilibrium is established. For an endothermic process, the 
reaction will shift to the right towards product formation. For an exothermic 
process, the reaction will shift to the left towards reactant formation. If you 
understand the application of Le Chatelier's principle to concentration changes 
then writing "heat" on the appropriate side of the equation will help you 
understand its application to changes in temperature. 


Example: N2 + 3H2 <+> 2NH3 is an exothermic reaction. First, equilibrium is 
established and then the temperature is decreased. Predict the impact 
of the lower temperature on each reaction component. 


Solution: Since the reaction is exothermic, we may write it as: 
N2 + 3H2 © 2NH3 + heat 


To find the impact of temperature on equilibrium processes, we may 
consider heat as if it were a reaction component. Le Chatelier's 
principle states that after a temperature decrease, the reaction will shift 
to partially offset the impact of a loss of heat. Therefore more heat will 
be produced, and the reaction will shift to the right. N2 and H2 
concentration will decrease. NH3 concentration will increase. 


A flash animation with audio that demonstrates Le Chatelier's principle is at 
http://www.mhhe.com/physsci/chemistry/essentialchemistry/flash/lechv17.swf. 


Skill 9.2 Solving problems involving equilibrium constants and reaction 
quotients 


Earlier, we saw how the concentrations of reactants and products at equilibrium 
remain constant because the forward and reverse reactions take place at the 
same rate. We also saw how this equilibrium responds to a perturbation in one 
concentration by altering every concentration in a well-defined way until 
equilibrium is reestablished. In the present section, we will present a 
mathematical expression that relates these concentrations and defines the law 
that governs equilibrium. 
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Consider the general balanced reaction: 
mA +nB < pR+qgS 
where m, n, p, and q are stoichiometric coefficients and A, B, R, and S are 


chemical species. An equilibrium expression relating the concentrations of 
chemical species at equilibrium is determined by the equation: 


< -LRI[S] 


[af [B] 


In this equation, Keg is a constant value called the equilibrium constant. Product 
concentrations raised to the power of their stoichiometric coefficients are placed 
in the numerator and reactant concentrations raised to the power of their 
coefficients are placed in the denominator. 


eq 


Every reaction has a unique value of Keg that varies only with temperature. 
Alternate subscripts are often given to the equilibrium constant. Ke or K with no 
subscript is often used instead of Keg to represent the equilibrium constant. 
Other subscripts are used for specific reactions as described in the following 
section. 


Example: Write the equilibrium expression for the reaction: 
2HI(g)0 H,(g)+1,(g) 


CAI 
[Hf 


The units associated with equilibrium constants in the expression above are 
molarity raised to the power of an integer that depends on the stoichiometric 
coefficients of the reaction, but it is common practice to write these constants as 
dimensionless values. Multiplying or dividing the equilibrium expression by 1 M 
as needed achieves these dimensionless values. The equilibrium expression 
for a reaction written in one direction is the reciprocal of the expression for 
the reaction in the reverse direction. 


Solution: Ko = 


For a heterogeneous equilibrium (a chemical equilibrium with components in 
different phases), reactants or products may be pure liquids or solids. The 
concentration of a pure liquid or solid in moles/liter cannot change. Itis a 
constant property of the material, and these constants are incorporated into the 
equilibrium constant. Therefore the concentrations of pure liquids and solids are 
absent from equilibrium expressions for heterogeneous equilibria. 


CHEMISTRY 107 


TEACHER CERTIFICATION STUDY GUIDE 


Example: Write the equilibrium expression for the redox reaction between copper 
and silver. 
Cu (s) + 2Ag* (aq) +> Cu” (aq) + 2Ag (s) 


| Cu?" 
Solution: a . The solids do not appear in the equilibrium expression. 
Ag 


Some Keg problems give every concentration value for a reaction that is not at 
equilibrium and ask which direction the reaction will proceed for a given 
equilibrium constant. Solving these problems is a two step process: 


1) Insert the non-equilibrium reaction concentrations into the equilibrium 
expression to obtain a reaction quotient, Q. 

2) If Q<Keg, there are too many reactant molecules for the products, and the 
reaction proceeds to the right. If Q>Keg, there are too many product 
molecules for the reactants, and the reaction proceeds to the left. If 
Q=Keg, the reaction is at equilibrium. 


Example: Predict the direction in which the reaction H,(g)+I,(g)U 2HI(g) will 


proceed if initial concentrations are 0.004 mM H», 0.006 mM lz, and 
0.011 mM HI given Keg=48. 


Solution: 1) The reactant quotient is 


e n ir J SNES : 


2) The reactant quotient, which is less 5, is less than Keg, which is 48. 
Therefore, the numerator (products) of the reaction quotient is too 
small for the denominator (reactants). The trend towards 
equilibrium with time will increase the numerator in relation to the 
denominator until a ratio of 48 is achieved. More reactants will turn 
into products and the reaction will proceed to the right. 
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Skill 9.3 Solving problems involving solubility product constants of 
slightly soluble salts and the common-ion effect 


The solubility of a solid salt can be expressed through the use of a solubility 
product constant Ksp, as illustrated in the equation for a general salt MX that 
dissociates in solution. The chemical equation for this process is also given 

below. 


MX(s) = M*(aq)+ X~ (aq) 


Ka =[M' [x] 


Thus, the concentrations of the dissociated ions of the salt ((M°] and [X]) may be 
determined through the solubility product expression given above. If Ksp is 
known, then the ion concentrations can be easily calculated for any amount of 
pure salt that is added to a solvent. This problem may be complicated through 
the addition of a different soluble compound that, for example, dissociates to 
form the anion X and some other cation. Although the additional cation does not 
have any effect on the situation, the presence of additional anions causes a shift 
in the concentration, leading to an imbalance in the solubility product expression. 
Some of the M* and X ions will then reassociate and precipitate out of the 
solution. This phenomenon is called the common-ion effect. 


The common-ion effect can be illustrated by way of an example. Silver chloride, 
for instance, has a solubility product of approximately 1.7 x 10° M° at 25°C. 
Since the concentration of chloride ions and silver ions in solution would be equal 
for a solution of just silver chloride, the concentration of either ion would simply 
be the square root of the solubility product. 


AgCl(s) == Ag*(aq)+ Cr (aq) 


Ko =1.7x10°M? =[Ag* [cr] 


[cr ]=[ag*]= JK, 


If a highly soluble salt, such as sodium chloride (NaCl) is then added to the 
solution, the chloride ion concentration will rise significantly. If the amount of 
chloride is large relative to the equilibrium concentration of chloride in the AgCI 
solution, then the concentration of silver ions can be calculated by using the 
concentration of chloride ions from the salt. 


[ao]: 


cr] 
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If a number of slightly soluble salts with common ions are added to a solution, the 
calculation of the equilibrium concentrations is slightly more complicated. In such 
a case, numerical techniques may provide a more convenient method of solution. 


Problem: Calculate the concentration of silver ions in a 0.001 M solution of silver 
chloride after the addition of sodium chloride to a concentration of 0.1 M for 
sodium ions. 


Solution: First, calculate the concentration of chloride ions. Since the 
concentration of the chloride ions from the highly soluble sodium chloride is much 
greater than the concentration of the chloride ions from the silver chloride, the 
chloride concentration is approximately equal to the sodium concentration. 


[cr ]=[Na*]=0.1m 


Then use the solubility product expression for silver chloride to determine the 
concentration of silver ions. 
Kp  1.7x10 "M? 


[ao] - 
7 [cr] 0.1M 


[Ag* ]=1.7x10°°M 


Thus, the addition of sodium chloride greatly reduces the concentration of silver 
ions in solution. Most of the silver chloride is precipitated out as a solid. 


Skill 9.4 Analyzing everyday phenomena in terms of chemical 
equilibrium 


A system that undergoes no net chemical changes over time is said to be in 
chemical equilibrium. Generally, this condition occurs when the forward and 
reverse rates of the chemical reactions taking place in a system are equal. 
Common phenomena, including many phenomena associated with living 
organisms, can be analyzed in terms of this concept of chemical equilibrium. 
Several examples are presented below. 


Many life processes, at the chemical level, require enzymes to catalyze (or 
accelerate) certain reactions. Enzymes may be able to facilitate reactions in both 
directions: from substrate to products and vice versa. In these cases, the rate of 
reaction for each direction depends on temperature, pH, concentration of the 
substrate and products, the presence or absence of enzyme inhibitors, and other 
factors. A general equation for the enzyme (E), substrate (S) and products (P) is 
shown below. 


E +S = ES—E+P 
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If the temperature or pH is changed in a manner favorable to enzyme activity, the 
forward rate of reaction can be increased, thus tilting the equilibrium 
concentrations in favor of products over substrate. The presence of inhibitors, or 
an adverse change in temperature of pH, for instance, can cause the reverse 
reaction rate to increase relative to the forward rate. Such a change would favor 
the substrate over the products. For living organisms, certain concentrations of 
products over substrates are required for proper functioning of cells, for example, 
and the proper conditions for maintaining an appropriate chemical equilibrium at 
appropriate times are necessary. Although the functioning of enzymes is nota 
commonly observed aspect of experience, it is common to all organisms. 


Buffers, such as those used in so-called buffered aspirin (acetylsalicylic acid) for 
easier digestion, or those needed for maintaining a proper pH for enzyme 
function in living organisms, can be analyzed in terms of chemical equilibrium. A 
weakly dissociating acidic compound, for example, reaches equilibrium 
concentrations in solution. The following chemical equation describes the forward 
and reverse reactions for the hypothetical weak acid HX in the aqueous state. 


HX = H* + X7 


If the above solution, in chemical equilibrium, is supplied with a strong acid, then 
the concentration of protons (H*) on the right side of the equation will increase. 
Since the hypothetical acid HX is weakly dissociating, chemical equilibrium will 
be restored through consumption of a significant portion of the excess protons by 
the negative ions (X`). Upon return to chemical equilibrium, the concentration of 
protons will be nearly the same as the concentration that existed prior to the 
addition of the strong acid. Consequently, the pH of the solution will be nearly 
unchanged. The presence of buffers in living organisms allows enzymes to 
perform their functions at appropriate rates, even if small amounts of strong acid 
or base are introduced into the system. Also, buffers are responsible for making 
“buffered” aspirin easier on the stomach. In both of these situations, the buffer 
acts to limit the variation of pH as acids or bases are introduced into the system. 


Chemical equilibrium can also be used to help analyze the solubility of solids ina 
solution. Sodium chloride, or table salt, is a typical example and is characterized 
by the following chemical equation. 


NaCl(s) = Na*(aq)+Cl (aq) 


Salt dissolved in cold water tends to leave a significant amount of precipitate. If 
the solution is heated, however, the equilibrium state tends to further favor the 
forward reaction (dissolution), and some or all of the solid salt will be dissolved in 
the solution. Upon cooling the solution, the salt tends to precipitate as a solid 
once more. 
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Skill 9.5 Describing how temperature, concentrations, and catalysts 
affect reaction rates 


The rate of any process is measured by its change per unit time. The speed of a 
car is measured by its change in position with time using units of miles per hour. 
The speed of a chemical reaction is usually measured by a change in the 
concentration of a reactant or product with time using units of molarity per 
second (M/s). The molarity of a chemical is represented in mathematical 
equations using brackets. 


The average reaction rate is the change in concentration either reactant or 
product per unit time during a time interval: 
Change in concentration 


Average reaction rate = PARA 
Change in time 


Reaction rates are positive quantities. Product concentrations increase and 
reactant concentrations decrease with time, so a different formula is required 
depending on the identity of the component of interest: 

| product | -| product | 


time, _ — time. 


final iniial 


initial 


Average reaction rate = 


[reactant | 


initial 


time, —time. 
inal 


| iniial 


[reactant | 


The reaction rate at a given time refers to the instantaneous reaction rate. 
This is found from the absolute value of the slope of a curve of concentration 
vs. time. An estimate of the reaction rate at time t may be found from the 
average reaction rate over a small time interval surrounding t. For those familiar 
with calculus notation, the following equations define reaction rate, but calculus is 
not needed: 

d| product] d| reactant | 


Reaction rate at time t = = 
dt dt 
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Example: The following concentration data describes the decomposition of N205 
according to the reaction 2N,O, > 4NO, + O,. 


Determine the average reaction rate from 1000 to 5000 seconds and 
the instantaneous reaction rate at 0 and at 4000 seconds. 


Time (sec) | [N2Os] (M) 

0 0.0200 
1000 0.0120 
2000 0.0074 
3000 0.0046 
4000 0.0029 
5000 0.0018 
7500 0.0006 
10000 0.0002 


0.0200 


0.0160 


0.0120 


[N205] (M) 


0.0080 


0.0040 


0.0000 


0 2000 4000 6000 8000 10000 


Time (sec) 
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Solution: Average reaction rate from 0 to 7500 seconds is found from: 


[reactant | _—[reactant] _ 0.0120 M- 0.0018 M 
time, —time. ~ 5000 sec — 1000 sec 


M 
=2.55x10° — 
i : S 
inal iniial 
Instantaneous reaction rates are found by drawing lines tangent to the 
curve, finding the slopes of these lines, and forcing these slopes to be 
positive values. 


At 0 seconds: 0.0200 
0.0200 M 
rate=slope = ———_—— 
2000 s 0.0160 
= 1.00 x10° Ma 
S = 
= 0.0120 
At 4000 seconds: S 
N BY AY 
rate=slope = 0.0090 M zZ, 0.0080 E 
6000 s VSN 
s M > 
oe 0.0040 \ 
l 
\ ~N 
0.0000 > 
0 2000 4000 6000 8000 10000 
Time (sec) 
Skill 9.6 Analyzing potential energy versus reaction coordinate 
diagrams 


Most reaction mechanisms are multi-step 
processes involving reaction 
intermediates. Intermediates are 
chemicals that are formed during one 
elementary step and consumed during 
another, but they are not overall reactants 
or products. In many cases one 
elementary reaction in particular is the 
slowest and determines the overall 
reaction rate. This slowest reaction in the 
series is called the rate-limiting step or 
rate determining step. 
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This energy diagram represents a two-step process for the reaction A-E. Ais 
the energy of the reactants while B represents the activation energy for the 
reaction AC. C is an intermediate, which when formed is immediately 
converted into E in the reaction C—E with an activation energy represented by 
D. Since the reaction C—E has a greater activation energy, it is the slow step, 
hence the rate determining step. 


Example 

The reaction ee (a) ae (g)> ae C) oe (7) 
elementary reactions in the gas phase: 

NO, +NO, > NO + NO, 

NO, + CO —> NO, + CO,. 

The first elementary reaction is very slow compared to the second. Determine 


the rate law for the overall reaction if NO2 and CO are both present in sufficient 
quantity for the reaction to occur. Also name all reaction intermediates. 


is composed of the following 


Solution: The first step will be rate limiting because it is slower. In other words, 
almost as soon as NO; is available, it reacts with CO, so the rate-limiting step is 
the formation of NO3. The first step is bimolecular. Therefore, the rate law for 


2 
the entire reaction is: Rate=k No, | i 


NO; is formed during the first step and consumed during the second. NO; is the 
only reaction intermediate because it is neither a reactant nor a product of the 
overall reaction. 


Skill 9.7 Identifying first-order and second-order reactions from the rate 
law for a reaction 


See Skill 9.5. 
Skill 9.8 Determining the rate law of a reaction from experimental data 


A rate law is an equation relating a reaction rate to concentration. The rate 
laws for most reactions discussed in high-school level chemistry are of the form: 


Rate = k [reactant ay" [reactant 27 t 
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reaction orders. Most reactions considered in introductory chemistry have a 
reaction order of zero, one, or two. The sum of all reaction orders for a reaction 
is called the overall reaction order. Rate laws cannot be predicted from the 
stoichiometry of a reaction. They must be determined by experiment or derived 
from knowledge of reaction mechanism. 


If a reaction is zero order for a reactant, the concentration of that reactant has no 
impact on the rate as long as some reactant is present. If a reaction is first order 
for a reactant, the reaction rate is proportional to the reactant's concentration. 

For a reaction that is second order with respect to a reactant, doubling that 
reactant's concentration increases reaction rate by a factor of four. Rate laws are 
determined by finding the appropriate reaction order describing the impact of 
reactant concentration on reaction rate. 


Reaction rates typically have units of M/s (moles/liter-sec) and concentrations 
have units of M (moles/liter). For units to cancel properly in the expression 
above, the units of the rate constant k must vary with overall reaction order as 
shown in the following table. The value of k may be determined by finding the 
slope of a plot charting a function of concentration against time. These functions 
may be memorized or computed using calculus. 


Overall reaction Units of rate constant Method to determine k for rate 
order k laws with one reactant 

0 M/sec —(slope) of a chart of [reactant] vs. 
t 

1 sec: —(slope) of a chart of In[reactant] 

vs. t 

2 M ‘sec? slope of a chart of 1/[reactant] vs. 

t 


As an alternative to using the rate constant k, the course of first order reactions 
may be expressed in terms of a half-life, thaiite. The half-life of a reaction is the 
time required for reactant concentration to reach half of its initial value. First 
order rate constants and half-lives are inversely proportional: 

In2 0.693 


halflife ~ 


first order K ist order 
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Example: Derive a rate law for the reaction 2N,O, > 4NO, +O, using data from 
the previous example. 


Solution: Three methods will be used to solve this problem. 


1) In the previous example, we found the following two instantaneous reaction 
rates: 
Time (sec) | [N2Os] (M) | Reaction rate (M/sec) 
0 0.0200 1.00X10— 
4000 | 0.0029 | 1.5X10° 


A decrease in reactant concentration to 0.0029/0.0200=14.5% of its initial value 
led to a nearly proportional decrease in reaction rate to 15% of its initial value. In 
other words, reaction rate remains proportional to reactant concentration. The 
reaction is first order: 


Rate = k| N,O, |. 


We may estimate a value for the rate constant by dividing reaction rates by the 
concentration: 
_ Rate 


Kog order —— [N,O, | i 


Time (sec) | [N2Os] (M) | Reaction rate (M/sec) | k (sec) 
eee 
(0) 0.0200 1.00X10 5.00X10 
4000 0.0029 1.5X10° 5.2X10~* 


2) We could estimate this rate constant by finding average reaction rates in 
each small time interval and assuming this rate occurs halfway between the two 
concentrations: 


Time (sec) | [N2Os] (M) Average rate (M/sec)|Halfway [N2Os] (M)| k (sec) 
0 0.0200 —__, g.00x10° 0.0160 5.00X10~4 
2 Uo E 4.6X10° 0.0097 4.7X10~ 
2000 0.0074 __—+ = = 
3000 0 0046 2.8X10 0.0060 4.7X10 
4000 ao > 1.7X10 ° 0.0038 4.5X10 7 
5000 o o0is k LIXO” 0.0024 4.7X107 
: => 4.8X10” 0.0012 4.0X10 
7500 0.0006 —— > = 2 
10000 0.0002 ——> 2X10 0.0004 4X10 
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3) If concentration data are given then no rate data needs to be found in order 
to determine a rate constant. For a first order reaction, chart the natural logarithm 
of concentration against time and find the slope. 


-3.5 
Time (sec) |[N2Os] (M) | In[N2Os] : rm 
0 0.0200 | -3.91 + 

1000 0.0120 | -4.41 
2000 | 0.0074 | -4.90 pa 
3000 0.0046 | -5.37 -6 
4000 0.0029 | -5.83 -6.5 
5000 0.0018 | -6.30 -7 
7500 0.0006 | -7.39 -7.5 
10000 | 0.0002 | -8.46 -8 
-8.5 


0 2000 4000 6000 8000 10000 


Time (sec) 


The slope may be determined from a best-fit method or it may be estimated from 
—8.46 — (-3.91) ~ 5x10" 
10000 


The rate law describing this reaction is: 


M 
Rate =| 5x10“ —— |[N 
ate (5x10 tE }In,0,] 


Predicting the effect of catalysts and reaction conditions on reaction rates 


A Catalyst is a material that increases the rate of a chemical reaction without 
changing itself permanently in the process. Catalysts provide an alternate 
reaction mechanism for the reaction to proceed in the forward and in the reverse 
direction. Therefore, catalysts have no impact on the chemical equilibrium of 
areaction. They will not make a less favorable reaction more favorable. 


Catalysts reduce the activation energy of a reaction. This is the amount of 
energy needed for the reaction to begin. Molecules with such low energies that 
they would have taken a long time to react will react more rapidly if a catalyst is 
present. 
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There are two types of catalysts: Homogeneous catalysts are in the same 
physical phase as the reactants. Biological catalysts are called enzymes, and 
most are homogeneous catalysts. A typical homogenous catalytic reaction 
mechanism involves an initial reaction with one reactant followed by a reaction 
with a second reactant and release of the catalyst: 


A+C>AC 
B+AC—> AB+C 
Net reaction: A+B—“@@° » AB 


Heterogeneous catalysts are present in a different physical state from the 
reactants. A typical heterogeneous catalytic reaction involves a solid surface 
onto which molecules in a fluid phase temporarily attach themselves in a way 
that favors a rapid reaction. Catalytic converters in cars utilize heterogeneous 
catalysis to break down harmful chemicals in exhaust. 


Kinetic molecular theory may be applied to reaction rates in addition to physical 
constants like pressure. Reaction rates increase with reactant concentration 
because more reactant molecules are present and more are likely to collide with 
one another in a certain volume at higher concentrations. 


Kinetic molecular theory also predicts that reaction rate constants (values for 
k) increase with temperature because of two reasons: 
1) More reactant molecules will collide with each other per second. 
2) These collisions will each occur at a higher energy that is more likely to 
overcome the activation energy of the reaction. 


Skill 9.9 Recognizing the relationship between a reaction mechanism 
and the rate law. 


A reaction mechanism is a series of elementary reactions that explain how a 
reaction occurs. These elementary reactions are also called elementary 
processes or elementary steps. A reaction mechanism cannot be determined 
from reaction stoichiometry. Stoichiometry indicates the number of molecules 
of reactants and products in an overall reaction. Elementary steps represent a 
single event. This might be a collision between two molecules or a single 
rearrangement of electrons within a molecule. 


The simplest reaction mechanisms consist of a single elementary reaction. The 


number of molecules required determines the rate laws for these processes. For 
a unimolecular process: A — products. 
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The number of molecules of A that decompose in a given time will be 
proportional to the number of molecules of A present. Therefore, unimolecular 
processes are first order: 


Rate =k| A |. 


For bimolecular processes, the rate law will be second order. 


For A+A > products, Rate=k [af 


For A+B— products, Rate=k| A || B |. 


Most reaction mechanisms are multi-step processes involving reaction 
intermediates. Intermediates are chemicals that are formed during one 
elementary step and consumed during another, but they are not overall reactants 
or products. In many cases one elementary reaction in particular is the slowest 
and determines the overall reaction rate. This slowest reaction in the series is 
called the rate-limiting step or rate-determining step. 


Example: The overall reaction: 
NO, Q} CO (g)> NO Q} CO, (a) 


is composed of the following elementary reactions in the gas phase: 
NO, +NO, > NO + NO, 
NO, + CO > NO, + CO,. 


The first elementary reaction is very slow compared to the second. 
Determine the rate law for the overall reaction if NO2 and CO are both 
present in sufficient quantity for the reaction to occur. Also name all 
reaction intermediates. 


Solution: The first step will be rate limiting because it is slower. In other words, 
almost as soon as NO; is available, it reacts with CO, so the rate- 
limiting step is the formation of NOs. The first step is bimolecular. 
Therefore, the rate law for the entire reaction is: 


Rate=k [No, | , 


NO; is formed during the first step and consumed during the second. 
NO; Is the only reaction intermediate because it is neither a reactant 
nor a product of the overall reaction. 


Also see Skill 9.6 for more information on intermediates of chemical reactions. 
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COMPETENCY 10.0 UNDERSTAND THE PRINCIPLES AND APPLICATIONS 
OF ACID-BASE CHEMISTRY. 


Skill 10.1 Analyzing acids and bases according to acid-base theories 
(i.e., Arrhenius, Bronsted-Lowry, Lewis) 


It was recognized centuries ago that many substances could be divided into the 
two general categories. Acids have a sour taste (as in lemon juice), dissolve 
many metals, and turn litmus paper red. Bases have a bitter taste (as in soaps), 
feel slippery, and turn litmus paper blue. The chemical reaction between an acid 
and a base is called neutralization. The products of neutralization reactions are 
neither acids nor bases. Litmus paper is an example of an acid-base indicator, 
a substance that changes color when changing from an acid to a base. 


Arrhenius definition of acids and bases 


Svante Arrhenius proposed in the 1880s that acids form H* ions and bases 
form OH” ions in water. 


The net ionic reaction for neutralization between an Arrhenius acid and base 
always produces water as shown below for nitric acid and sodium hydroxide: 


HNOs(aq) + NaOH(aq) > NaNOs(aq) + H2O(/) 
H*(aq)+NOs (aq) + Na*(aq) + OH (aq) —> NOs (aq) + Na’ (aq) + H2O(/) (complete ionic) 
H*(aq) + OH (aq) — H2O(/) (net ionic) 


The H*(aq) ion 


In acid-base systems, "protonated water" or "H"(aq)" is shorthand for a 
mixture of water ions. For example, HCI reacting in water may be represented 
as a dissociation: 


HCl(aq) > H (aq) + CÈ (aq). 


The same reaction may be described as the transfer of a proton to water to form 
H30: 
HCl(aq) + H,O(/) > Cl°(aq) + H,O* (aq). 
H30O* is called a hydronium ion. Its Lewis structure is shown below to the left. 
In reality, the hydrogen bonds in water are so strong that H* ions exist in water as 


a mixture of species in a hydrogen bond network. Two of them are shown below 
at center and to the right. Hydrogen bonds are shown as dashed lines. 
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Brønsted-Lowry definition of acids and bases 


In the 1920s, Johannes Brønsted and Thomas Lowry recognized that acids 
can transfer a proton to bases regardless of whether an OH ion accepts the 
proton. In an equilibrium reaction, the direction of proton transfer depends on 
whether the reaction is read left to right or right to left, so Brønsted acids and 
bases exist in conjugate pairs with and without a proton. Acids that are able 
to transfer more than one proton are called polyprotic acids. 


Examples: 


1) In the reaction: 
HF (aq) + H20 (/) +> F (aq) + H3O* (aq) 
HF transfers a proton to water. Therefore HF is the Brønsted acid and H20 is 
the Brønsted base. But in the reverse direction, hydronium ions transfer a 
proton to fluoride ions. H30O* is the conjugate acid of H2O because it has an 
additional proton, and F` is the conjugate base of HF because it lacks a 
proton. 


2) In the reaction: 
NHs (aq) + H20 (/) <> NHa" (aq) + OH" (aq) 


water transfers a proton to ammonia. H20 is the Brg@nsted acid and OH is its 
conjugate base. NH3 is the Bronsted base and NH, is its conjugate acid. 


3) In the reaction: 


HPO; + HS <> HPO; + HS 


H3PO,/H2PO, is one conjugate acid-base pair and H2S/HS is the other. 
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4) H3PQ, is a polyprotic acid. It may further dissociate to transfer more than one 
proton: 


HPO; <> H»PO, +H 


H2PO, <> HPO,” + H* 
HPO,” <> PO,* + H* 


Lewis definition of acids and bases 


The transfer of a proton from a Brgnsted acid to a Brgnsted base requires that 
the base accept the proton. When Lewis diagrams (see 0015) are used to draw 
the proton donation of Brgnsted acid-base reactions, it is always clear that the 
base must contain an unshared electron pair to form a bond with the proton. For 
example, ammonia contains an unshared electron pair in the following reaction: 


i i 
Ht + :N-H > |H-N—H 
H H 


In the 1920s, Gilbert N. Lewis proposed that bases donate unshared electron 
pairs to acids, regardless of whether the donation is made to a proton or to 
another atom. Boron trifluoride is an example of a Lewis acid that is not a 
Brgnsted acid because it is a chemical that accepts an electron pair without 
involving an H* ion: 


E H F H 
\ l l l 
aA o PSB Nae 
5 H F H 


The Lewis theory of acids and bases is more general than the Brønsted-Lowry 
theory, but Brønsted-Lowry's definition is used more frequently. The terms "acid" 
and "base" most often refer to Brønsted acids and bases, and the term "Lewis 
acid" is usually reserved for chemicals like BF; that are not also Brønsted acids. 


Summary of definitions 


A Lewis base transfers an electron pair to a Lewis acid. A Brønsted acid 
transfers a proton to a Brønsted base. These exist in conjugate pairs at 
equilibrium. In an Arrhenius base, the proton acceptor (electron pair donor) is 
OH. All Arrhenius acids/bases are Brønsted acids/bases and all Brønsted 
acids/bases are Lewis acids/bases. Each definition is a subset of the one that 
comes before it. 
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Skill 10.2 Distinguishing between strong and weak acids and bases and 
identifying conjugate acid-base pairs 


Strong acids and bases are strong electrolytes, and weak acids and bases are 
weak electrolytes, so strong acids and bases completely dissociate in water, 
but weak acids and bases do not. 


Example: HCl(aq)+H,O(/) + H,O" (aq) + Cl (aq) goes to completion because 


HCl is a strong acid. The acids in the examples on the previous page 
were all weak. 


The aqueous dissociation constants Ka and Kp quantify acid and base strength, 
respectively. Another way of looking at acid dissociation is that strong acids 
transfer protons more readily than H30* transfers protons, so they protonate 
water, the conjugate base of H30°. In general, if two acid/base conjugate 
pairs are present, the stronger acid will transfer a proton to the conjugate 
base of the weaker acid. 


Acid and base strength is not related to safety. Weak acids like HF may be 
extremely corrosive and dangerous. 


The most common strong acids and bases are listed in the following table: 


Strong acid Strong base 
HCI | Hydrochloric acid LiOH Lithium hydroxide 
HBr | Hydrobromic acid | NaOH Sodium hydroxide 

HI Hydroiodic acid KOH Potassium hydroxide 
HNO3 Nitric acid Ca(OH)2 | Calcium hydroxide 
H2S0, Sulfuric acid Sr(OH)2 | Strontium hydroxide 
HClO, | Perchloric acid į Ba(OH)2 | Barium hydroxide 


A flash animation tutorial demonstrating the difference between strong and weak 
acids is located at 


http://www.mhhe.com/physsci/chemistry/essentialchemistry/flash/acid13.swf. 


Trends in acid and base strength 


The strongest acid in a polyprotic series is always the acid with the most 
protons (e.g. H2S0; is a stronger acid than HSO, ). The strongest acid ina 
series with the same central atom is always the acid with the central atom at 
the highest oxidation number (e.g. HCIO; > HCIO} > HCIO? > HCIO in terms of 
acid strength). The strongest acid in a series with different central atoms at the 
same oxidation number is usually the acid with the central atom at the highest 
electronegativity (e.g. the Ka of HCIO > HBrO > HIO). This electronegativity 
trend stretches across the periodic table for oxides. 
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Skill 10.3 Calculating the hydronium or hydroxide ion concentration and 
the pH or pOH of various acid and base solutions 


The concentration of H*(aq) ions is often expressed in terms of pH. The pH ofa 
solution is the negative base-10 logarithm of the hydrogen-ion molarity. 


ie as 
1 
pH = —log] H* |=log| -——= |. 
A ten-fold increase in [H*] decreases the pH by one unit. [H*] may be found from 


pH using the expression: 


[H] =10™", 


[H | =10” M for pure water with [H] = | OH J. Thus the pH of a neutral 
solution is 7. In an acidic solution, [H] >10” M and pH <7. Ina basic 


solution, [H | <10” M and pH >7. 


The negative base-10 log is a convenient way of representing other small 
numbers used in chemistry by placing the letter "p" before the symbol. Values of 


Ka are often represented as pKa, with pK, =—logk,. The concentration of OH” 


(aq) ions may also be expressed in terms of pOH, with pOH = —log| OH |. 


The ion-product constant of water, K,, = [H+ || OH | =1.0x10™ at 25°C. The 


value of Ky can used to determine the relationship between pH and pOH by 
taking the negative log of the expression: 


—logK,, = —log| H’ | z log] OH- | =—log(10"*). 
Therefore: pH+pOH =14. 
Example: An aqueous solution has an H* ion concentration of 4.0 x 10°. Is the 
solution acidic or basic? What is the pH of the solution? What is the 
pOH? 


Solution: The solution is basic because [H*] < 10” M. 


pH = —log| H’ | = -log 4X10° 
=8.4. 
pH+pOH=14. Therefore pOH =14-pH =14-8.4 =5.6. 
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Skill 10.4 Predicting the acid-base properties of various salts 


Before we recognize factors that determine the relative strengths of acids and 
bases, it is important to have a clear understanding of acids and bases. 


Arrhenius, a Swedish chemist, defined acids as compounds that contain 
hydrogen, and defined bases as compounds that dissolve in water and release 
OH ions. His proposals had limitations. In 1923, a Danish chemist named 
Johannes Bronsted and an Englishman named Thomas Lowry refined the 
theory of Arrhenius. According to these chemists, an acid is a substance that 
donates a proton (this is a hydrogen ion because hydrogen atoms have no 
neutrons) and bases are substances capable of splitting off or taking up 
hydrogen ions. Traditionally, a base contains OH’ ions. But according to 
Bronsted and Lowry, NaHCO; is also a base because it is capable of accepting 
hydrogen ions, which the Arrhenius theory couldn’t explain. 


The factors that determine the relative strengths of acids and bases: 


1. pH: 

Both acids and bases are related to the concentration of hydrogen ions present. 
As the concentration of the hydrogen ions increases, the pH value goes down 
and the acidity of a substance is increased. 


The opposite is true for bases. As the hydrogen ion concentration decreases, the 
pH value goes up and the basicity of a substance is increased. Very strong acids 
have a pH of 1 or below. Very strong bases have pH values exceeding 12 or 
more. Milk is a mild acid and HCl is a strong acid. 


There is an inverse relationship between the pH value and the hydrogen ion 
concentration. The higher the hydrogen ion concentration, lower the pH number 
and greater the acidity. The lower the hydrogen ion concentration, the higher the 
pH value and greater the strength of the base. Egg whites are weak bases and 
NaOH is a strong base. 
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2. Acid dissociation constant and basicity constant: 


Acid dissociation constant, acidity constant, or the acid ionization constant, (Ka), 
is a specific type of equilibrium constant that indicates the extent of dissociation 
of ions from an acid. The acidity of a substance and its Ka value are directly 
proportional. A larger Ka (Smaller pKa) means a stronger acid. Using the values 
of Ka, the strength of acids can be determined easily. 


The basicity constant, K», is the capability of a substance to accept hydrogens. 
The value of Kp and the strength of bases are directly proportional. The higher 
the value of Ky (pK,), the stronger the base. 


3. The relationship of Ka and pKa: 


pKa = -log10Ka, the acidity constant is represented as the additive inverse of its 
common logarithm, using the same mathematical relationship as H+ is to pH. 
The lower the pKa value, the higher the acidity of the substance is. In the same 
way, pK» = -log10Kp. Just like pKa, the lower the pK, value, the higher the 
basicity. 


The most common strong acids and bases are listed in the following table: 


Strong acid Strong base 
HCI | Hydrochloric acid LiOH Lithium hydroxide 
HBr | Hydrobromic acid | NaOH Sodium hydroxide 
HI Hydroiodic acid KOH Potassium hydroxide 
HNO3 Nitric acid Ca(OH), | Calcium hydroxide 


H2SO, Sulfuric acid Sr(OH)2 | Strontium hydroxide 
HClO, | Perchloric acid į Ba(OH)2 | Barium hydroxide 


A flash animation tutorial demonstrating the difference between strong and weak 
acids is located at 


http://www.mhhe.com/physsci/chemistry/essentialchemistry/flash/acid13.swf. 


Trends in acid and base strength 
The strongest acid in a polyprotic series is always the acid with the most 


protons (e.g. H2S0; is a stronger acid than HSO, ). The strongest acid ina 
series with the same central atom is always the acid with the central atom at 
the highest oxidation number (e.g. HCIO; > HCIO} > HCIO? > HCIO in terms of 
acid strength). The strongest acid in a series with different central atoms at the 
same oxidation number is usually the acid with the central atom at the highest 
electronegativity (e.g. the Ka of HCIO > HBrO > HIO). 
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Skill 10.5 Analyzing the composition and function of buffer solutions 


A buffer solution is a solution that resists a change in pH after addition of 
small amounts of an acid or a base. Buffer solutions require the presence of an 
acid to neutralize an added base and also the presence of a base to neutralize 
an added acid. These two components present in the buffer also must not 
neutralize each other! A conjugate acid-base pair is present in buffers to 
fulfill these requirements. Buffers are prepared by mixing together a weak acid 
or base and a Salt of the acid or base that provides the conjugate. 


Consider the buffer solution prepared by mixing together acetic acid— 
HC2H302—and sodium acetate—C2H302 containing Na’ as a spectator ion. 
The equilibrium reaction for this acid/conjugate base pair is: 

HC>H302 <> CoH302 + H* 


If H* ions from a strong acid are added to this buffer solution, Le Chatelier's 
principle predicts that the reaction will shift to the left and much of this H* will be 
consumed to create more HC2H3O2 from C2H302 . If a strong base that 
consumes H* is added to this buffer solution, Le Chatelier's principle predicts that 
the reaction will shift to the right and much of the consumed H* will be replaced 
by the dissociation of HC2H3O02. The net effect is that buffer solutions prevent 
large changes in pH that occur when an acid or base is added to pure water 
or to an unbuffered solution. 


The amount of acid or base that a buffer solution can neutralize before dramatic 
pH changes begins to occur is called its buffering capacity. Blood and 
seawater both contain several conjugate acid-base pairs to buffer the solution's 
pH and decrease the impact of acids and bases on living things. 


An excellent flash animation with audio to explain the action of buffering solutions 
is found at 


http://www.mhhe.com/physsci/chemistry/essentialchemistry/flash/buffer12.swf. 


Skill 10.6 Applying the principles of acid-base titration, including the 
selection of indicators, and interpreting the results of acid- 
base titrations 


Standard titration 


In a typical acid-base titration, an acid-base indicator (Such as 
phenolphthalein) or a pH meter is used to monitor the course of a neutralization 
reaction. The usual goal of titration is to determine an unknown 
concentration of an acid (or base) by neutralizing it with a known concentration 
of base (or acid). 
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The reagent of known concentration is usually used as the titrant. The titrant is 
poured into a buret (also spelled burette) until it is nearly full, and an initial buret 
reading is taken. Buret numbering is close to zero when 
nearly full. A known volume of the solution of unknown 


concentration is added to a flask and placed under the Ss Initial 
buret. The indicator is added or the pH meter probe is =| buret 
inserted. The initial state of a titration experiment is =| volume 


shown to the right above. 


The buret stopcock is opened and titrant is slowly added 
until the solution permanently changes color or the pH 
rapidly changes. This is the titration endpoint, and a final 
buret reading is made. The final state of a titration 
experiment is shown to the right below. The endpoint U 
: : nknown 

occurs when the number of acid and base equivalents with 
in the flask are identical: indicator 

N =N Therefore, C V =C, _V 


acid ~ ` base acid acid base base’ 


The endpoint is also known as the titration equivalence 
point. 


Titration data typically consist of: 


V => Initial buret volume V. => Final buret volume Volume 


inital final added 
C, => Concentration of known solution : 
nown Final 
V aknown — Volume of unknown solution. volume 


To determine the unknown concentration, first find the 
volume of titrant at the known concentration added: 
V 


known = V inal 7 V ints X 


At the equivalence point, N 


unknown ` known * 


Therefore, C — Cron inom _ Cynon Vina Vma ) 


unknown 
unknown unknown 


Units of molarity may be used for concentration in the above expressions unless 


a mole of either solution yields more than one acid or base equivalent. In 
that case, concentration must be expressed using normality. 


CHEMISTRY 129 


TEACHER CERTIFICATION STUDY GUIDE 


Example: A 20.0 mL sample of an HCI solution is titrated with 0.200 M NaOH. 
The initial buret volume is 1.8 mL and the final buret volume at the 
titration endpoint is 29.1 mL. What is the molarity of the HCI sample? 


Solution: Two solution methods will be used. The first method is better for 
those who are good at unit manipulations and less skilled at 
memorizing formulas. HCI contains one acid equivalent and NaOH 
contains one base equivalent, So we may use molarity in all our 
calculations. 


1) Calculate the moles of the known substance added to the flask: 


0.200 V! x —1Ł x (29.1 mL -1.8 mL )= 0.00546 mol NaOH. 
L 1000 mL 


At the endpoint, this base will neutralize 0.00546 mol HCI. 
Therefore, this amount of HCI must have been present in the 
sample before the titration. 


0.00546 mol HCI 


= 0.273 M HCI. 
0.0200 L 
C V-V 
2) Utilize the formula: C enoun = win Vin at) 
unknown 
C VaV a 0.200 M (29.1mL -1.8 mL 
Gia = vail final a ( )_ 0.273 M HCI. 
V 20.0 mL 


HCI 


Titrating with the unknown 


In a common variation of standard titration, the unknown is added to the buret as 
a titrant and the reagent of known concentration is placed in the flask. The 
chemistry involved is the same as in the standard case, and the mathematics is 
also identical except for the identity of the two volumes. For this variation, Vknown 
will be the volume added to the flask before titration begins and 


V Therefore: 


unknown final initial * 
T Orie enoun E C known known 
unknown z 
unknown Vinal V nitiar 
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Example: 30.0 mL of a 0.150 M HNO; solution is titrated with Ca(OH)2. The 
initial buret volume is 0.6 mL and the final buret volume at the 
equivalent point is 22.2 mL. What is the molarity of Ca(OH). used for 
the titration? 


Solution: The same two solution methods will be used as in the previous 
example. 1 mol Ca(OH); contains 2 base equivalents because it 
reacts with 2 moles of H* via the reaction 
Ca(OH), + 2HNO, — Ca(NO,), +2H,O. Therefore, normality must be 


used in the formula for solution method 2. 


1) First calculate the moles of the substance in the flask: 
0.1500 x 0.0300 L = 0.00450 mol HNO, . 
This acid must be titrated with 0.00450 base equivalents for 
neutralization to occur at the end point. We calculate moles 
Ca(OH), used in the titration from stoichiometry: 
1 mol Ca(OH), 


0.00450 base equivalents x l 
2 base equivalents 


= 0.00225 mol Ca(OH),. 


The molarity of Ca(OH)2 is found from the volume used in the 


titration: 
0.00225 mol Ca(OH), 
= 0.104 M Ca(Oh),. 
0.0222 L—0.0006 L 
i koun tan A i ; 
2) Utilize the formula: C wn = v. au “sng units of normality. 
final “initial 


For HNOs, molarity=normality because 1 mol contains 1 acid 


equivalent. 
Pe (0.150 Mx 2 (30.0 mL) 
ze NO TINGS ops EN ee NCAOM) 
mare Vinal as 22.2 mL 7 0.6 mL i 


This value is converted to molarity. For Ca(OH)2, normality is twice 
molarity because 1 mol contains 2 base equivalents (See 0025). 
1 M Ca(OH), 


0.208 N Ca(OH), x 
2 N Ca(OH), 


=0.104 M Ca(OH),. 
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Interpreting titration curves 


A titration curve is a plot of a solution's pH charted against the volume of an 
added acid or base. Titration curves are obtained if a pH meter is used to 
monitor the titration instead of an indicator. At the equivalence point, the titration 
curve is nearly vertical. This is the point where the most rapid change in pH 
occurs. In addition to determining the equivalence point, the shape of titration 
curves may be interpreted to determine acid/base strength and the presence 
of a polyprotic acid. 


The pH at the equivalence point of a titration is the pH of the salt solution 
obtained when the amount of acid is equal to the amount of base. For a 
strong acid and a strong base, the equivalence point occurs at the neutral pH of 
7. For example, an equimolar solution of HCI and NaOH will contain NaCl(aq) at 
its equivalence point. 


13 13 
11 Strong acid titrated 11 Strong base titrated 
with strong base with strong acid 
9 9 
a7 By 
Equivalence Equivalence 
5 point 5 point 
3 3 
1 1 
O 10 20 30 40 50 60 (0) 10 20 30 40 50 60 
mL of 0.100 M NaOH added mL of 0.100 M HCI added 
to 50 mL 0.100 M HCI to 50 mL 0.100 M NaOH 


The salt solution at the equivalence point of a titration involving a weak acid 
or base will not be at neutral pH. For example, an equimolar solution of NaOH 
and hypochlorous acid HCIO at the equivalence point of a titration will be a base 
because it is indistinguishable from a solution of sodium hypochlorite. A pure 
solution of NaClO(aq) will be a base because the CIO ion is the conjugate base 
of HCIO, and it consumes H*(aq) in the reaction CIO” + H* < HCIO:. 


In a similar fashion, an equimolar solution of HCI and NH3 will be an acid 


because a solution of NH4Cl(aq) is an acid. It generates H*(aq) in the reaction: 
NH," <> NH3 + HŽ.. 
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Contrast the following titration curves for a weak acid or base with those for a 
strong acid and strong base above: 


13 
Weak acid Search 
11 titrated with g 
strong base 
9 
I 7 
Q 
5 
3 
1 
(0) 10 20 30 40 50 60 (0) 10 20 30 40 50 60 
mL of 0.100 M NaOH titrated into mL of 0.100 M HCI added 
50 mL 0.100 M HCIO to 50 mL 0.100 M NH, 


Titration of a polyprotic acid results in multiple equivalence points and a curve 
with more "bumps" as shown below for sulfurous acid and the carbonate ion. 


13 13 
Polyprotic acid titrated Conjugate base of polyprotic 
11 with strong base 11 acid titrated with strong acid 
9 i 9 
3 T 
ai 4 7 
5 5 
3 i i 3 
1 T : T ; 1 T T T T 
(0) 25 50 75 100 125 (0) 25 50 75 100 125 
mL of 0.100 M NaOH added mL of 0.100 M HCI added 
to 50 mL 0.100 MH,SO, to 50 mL 0.100 M Na2CO3 
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Skill 10.7 Identifying applications of acid-base chemistry 


Acids have a sour taste (as in lemon juice) and turn litmus paper red. Common 
household acids include vinegar, tomatoes, citric acids found in fruits and fruit 
juices, wine and beer, pickles, and on the stronger side, battery acid in the 
battery found in your car. Strong acids can corrode metals and burn through 
clothing and skin. Stomach acid is also a very strong acid that helps break down 
your food, and can be responsible for heartburn, acid reflux, or ulcers if the 
acidity gets out of balance. Many soft drinks, such as Coca-Cola®, are highly 
acidic (pH = 2.5), contributing to tooth decay. Certain emissions from power 
plants can combine with rainwater to form acid rain, which is corrosive and 
harmful to plants and buildings. Acids have many industrial uses, including 
electroplating, etching metals, cleaning metals, chemical manufacturing, iron and 
steel manufacturing, rubber manufacturing, oil refining, tanning, and textiles. 


Bases have a bitter taste (as in soaps), feel slippery, and turn litmus paper blue. 
Common household bases include baking soda, bleach, ammonia, and drain 
cleaner. Mild bases can be used to neutralize and calm stomach upset, such as 
antacid or Milk of Magnesia. Strong bases can be very dangerous to clothing and 
skin; the slippery feeling of a weak acid is actually the fatty acids and oils in your 
skin dissolving. Strong bases are effective as cleaners because they dissolve 
organic materials without harming metal, glass, or other household surfaces. 
Soaps are salts that form bases when mixed with water. Bases are used in oil 
refining, textile manufacturing, chemical manufacturing, and as catalysts for 
many industrial processes. 


Salts are stable forms of acids or bases or are used to buffer acid or base 
solutions. Blood and seawater are both slightly basic solutions that support living 
beings. The salts in blood and seawater buffer the solution so that the pH is not 
easily changed, protecting living organisms from sudden changes in their blood 
or in environmental conditions. The lack of salt in freshwater lakes and wetlands 
explains why these ecosystems are more vulnerable to the effects of acid rain 
than are saltwater environments. 
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COMPETENCY 11.0 UNDERSTAND THE PRINCIPLES AND APPLICATIONS 
OF ELECTROCHEMISTRY. 


Skill 11.1 Interpreting the behavior of common substances in terms of 
oxidation-reduction reactions 


Redox is shorthand for reduction and oxidation. Reduction is the gain of an 
electron by a molecule, atom, or ion. Oxidation is the loss of an electron. 
These two processes always occur together. Electrons lost by one substance 
are gained by another. In a redox process, the oxidation numbers of atoms are 
altered. Reduction decreases the oxidation number of an atom. Oxidation 
increases the oxidation number. 


The easiest redox processes to identify are those involving monatomic ions with 
altered charges. For example, the reaction 


Zn(s) + Cu** (aq) —> Zn**(aq) + Cu(s) 
is a redox process because electrons are transferred from Zn to Cu. 


However, many redox reactions involve the transfer of electrons from one 
molecular compound to another. For example, the reaction 


H, +F, > 2HF 


is a redox process because the oxidation numbers of atoms are altered. The 
oxidation numbers of elements are always zero, and oxidation numbers in a 
compound are never zero. Fluorine is the more electronegative element, so in 
HF it has an oxidation number of —1 and hydrogen has an oxidation number of 
+1. This is a redox process where electrons are transferred from H2 to F2 to 
create HF. 


In the reaction 
HCI + NaOH — NaCl + H,O 


the H-atoms on both sides of the reaction have an oxidation number of +1, the 
atom of CI has an oxidation number of —1, the Na-atom has an oxidation number 
of +1, and the atom of O has an oxidation number of —2. This is not a redox 
process because oxidation numbers remain unchanged by the reaction. 
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Skill 11.2 | Determining oxidation numbers and balancing oxidation- 
reduction reactions (e.g., half-reaction method) 


An oxidizing agent (also called an oxidant or oxidizer) has the ability to oxidize 
other substances by removing electrons from them. The oxidizing agent is 
reduced in the process. A reducing agent (also called a reductive agent, 
reductant or reducer) is a substance that has the ability to reduce other 
substances by transferring electrons to them. The reducing agent is oxidized 
in the process. 

Redox reactions may also be written as two half-reactions, a reduction half- 
reaction with electrons as a reactant and an oxidation half-reaction with 
electrons as a product. 


Example: The redox reactions: 
Zn(s) + Cu**(aq) > Zn**(aq)+Cu(s) and H, +F, > 2HF 
may be written in terms of the half-reactions: 


2e” + Cu** (aq) > Cu(s) ai 2e“ +F, > 2F 
Zn(s) > Zn* (aq) + 2e. H, > 2H* + 265. 


An additional (non-redox) reaction, 2F~ + 2H" —> 2HF, achieves the final products 
for the second reaction. 


Determining whether a chemical equation is balanced requires an additional step 
for redox reactions because there must be a charge balance. 


Example: The equation: 

Sn” +Fe* => Sn” +Fe** 
contains one Sn and one Fe on each side but it is not balanced because the sum 
of charges on the left side of the equation is +5 and the sum on the right side is 


+6. One electron is gained in the reduction half-reaction (Fe* +e” — Fe**), but 
two are lost in the oxidation half-reaction (Sn** > Sn* + 2e7). 
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The equation: 
Sn” + 2Fe** + Sn“ + 2Fe* 


is properly balanced because both sides contain the same sum of charges (+8) 
and electrons cancel from the half-reactions: 


2Fe* + 2e° — 2Fe** 
Sn” > Sn“ + 2e°. 
57 videos of redox experiments are presented here: 
http://chemmovies.unl.edu/chemistry/redoxlp/redoxl.html 
Oxidation Number Method 
Oxidation numbers, sometimes called oxidation states, are signed numbers 
assigned to atoms in molecules and ions. They allow us to keep track of the 
electrons associated with each atom. Oxidation numbers are frequently used to 
write chemical formulas, to help us predict properties of compounds, and to help 
balance equations in which electrons are transferred. Knowledge of the oxidative 
state of an atom gives us an idea about its positive or negative character. In 
themselves, oxidation numbers have no physical meaning; they are used to 
simplify tasks that are more difficult to accomplish without them. 
The Rules: 
1. Free elements are assigned an oxidation state of 0. 
e.g. Al, Na, Fe, H2, O2, N2, Clz etc have zero oxidation states. 
2. The oxidation state for any simple one-atom ion is equal to its charge. 
e.g. the oxidation state of Na‘ is +1, Be**, +2, and of F, -1. 


3. The alkali metals (Li, Na, K, Rb, Cs and Fr) in compounds are always 
assigned an oxidation state of +1. 


e.g. in LIOH (Li, +1), in NazSO,(Na, +1). 
4. Fluorine in compounds is always assigned an oxidation state of -1. 


e.g. in HF2, BF2. 
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5. The alkaline earth metals (Be, Mg, Ca, Sr, Ba, and Ra) and also Zn and Cd in 
compounds are always assigned an oxidation state of +2. Similarly, Al and Ga 
are always +3. 


e.g. in CaSO.(Ca, +2), AlCl; (Al, +3). 


6. Hydrogen in compounds is assigned an oxidation state of +1. Exception - 
Hydrides, e.g. LiH (H=-1). 


e.g. in H2SOz, (H, +1). 


7. Oxygen in compounds is assigned an oxidation state of -2. Exception - 
Peroxide, e.g. H202 (O = -1). 


e.g. in HPO; (O, -2). 


8. The sum of the oxidation states of all the atoms in a species must be equal to 
net charge on the species. 


e.g. Net Charge of HCIO; = O, i.e. [+1(H)+7(Cl)-2*4(O)] = 0 
Net Charge of CrO,” =-2, 


To solve Cr's oxidation state: x - 4*2(O) = -2, 4 * 2 = 8, and 8 — 2 = 6, so X 
= +6, so the oxidation state of Cr is +6 (there is only one Cr). 


Skill 11.3 Analyzing the feasibility of given reactions based on electrode 
potentials at standard conditions and nonstandard conditions 


o 


A standard cell potential, E..,,, is the voltage generated by an electrochemical 


cell at 100 kPa and 25 °C when all components of the reaction are pure 
materials or solutes at a concentration of 1 M. Older textbooks may use 1 atm 
instead of 100 kPa. Standard solute concentrations may differ from 1 M for 
solutions that behave in a non-ideal way, but this difference is beyond the scope 
of high school chemistry. 


Standard cell potentials are calculated from the sum of the two half-reaction 
potentials for the reduction and oxidation reactions occurring in the cell: 


[0] 
Ecen 


= E? (cathode) + E (anode 


All half-reaction potentials are relative to the reduction of H* to form H2. This 
potential is assigned a value of zero: 


For 2H*(aq at 1 M)+2e —>H,(g at 100 kPa), Eg =0 V. 


red 
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The standard potential of an oxidation half-reaction E> is equal in magnitude 


but has the opposite sign to the potential of the reverse reduction reaction. 
Standard half-cell potentials are tabulated as reduction potentials. These are 
sometimes referred to as standard electrode potentials E°. Therefore, 


E? =E°(cathode)—E°(anode. 


cell 


Skill 11.4 Analyzing the components, operating principles, and 
potentials of electrochemical and electrolytic cell 


Electrolytic cells use electricity to force nonspontaneous redox reactions to 
occur. Electrochemical cells generate electricity by permitting spontaneous 
redox reactions to occur. The two types of cells have some components in 
common. 


Both systems contain two electrodes. An electrode is a piece of conducting 
metal that is used to make contact with a nonmetallic material. One electrode is 
an anode. An oxidation reaction occurs at the anode, so electrons are 
removed from a substance there. The other electrode is a cathode. A 
reduction reaction occurs at the cathode, 
so electrons are added to a substance there. 
Electrons flow from anode to cathode 
outside either device. 


Battery 


(0) 


9O2(g) H2(g) 


fe) 


Electrolytic systems 
Electrolysis is a chemical process driven 


by a battery or another source of 
electromotive force. This source pulls 
electrons out of the chemical process at the 
anode and forces electrons in the cathode. a , 
The result is a negatively charged cathode Oxidation Reduction 
and a positively charged anode. (e pulled out) (e forced in) 


HOC) 


cathode 


Electrolysis of pure water forms O2 bubbles at the anode by the oxidation half- 
reaction: 


2H,O(!) > 4H* (aq) +O,(g) + 4e 
and forms H2 bubbles at the cathode by the reduction half-reaction: 


2H,O(/) + 2e” > H,(g) + 20H (aq). 
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The net redox reaction is: 
2H,O(/) > 2H,(g)+0,(g). 


Neither electrode took part in the reaction described above. An electrode that is 
only used to contact the reaction and deliver or remove electrons is called an 
inert electrode. An electrode that takes part in the reaction is called an active 
electrode. 


Electroplating is the process of depositing dissolved metal cations ina 
smooth even coat onto an object used as an active electrode. Electroplating is 
used to protect metal surfaces or for decoration. For example, to electroplate a 
copper surface with nickel, a nickel rod is used for the anode and the copper 
object is used for the cathode. NiCl2(aq) or another substance with free nickel 
ions is used in the electrolytic cell. Ni(s) > Ni” (aq)+ 2e occurs at the anode 


onto Cu 


and Ni” (aq) + 2e —“°““" »Ni(s) occurs at the cathode. 


Electrochemical systems 


Voltmeter 


An electrochemical cell 
separates the half-reactions of a 
redox process into two 
compartments or half-cells. 
Electrochemical cells are also 
called galvanic cells or voltaic 
cells. 


A battery consists of one or 
more electrochemical cells 
connected together. Electron 
transfer from the oxidation to the 
reduction reaction may only take 
place through an external circuit. 


Oxidation Reduction 
(e allowed out) (e allowed in) 


Electrochemical systems provide a source of electromotive force. This force is 
also called or voltage or cell potential and is measured in volts. Electrons are 
allowed to leave the chemical process at the anode and permitted to enter at the 
cathode. The result is a negatively charged anode and a positively charged 
cathode. 
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Electrical neutrality is maintained in the half-cells by ions migrating through a 
salt bridge. A salt bridge in the simplest cells is an inverted U-tube filled with a 
non-reacting electrolyte and plugged at both ends with a material like cotton or 
glass wool that permits ion migration but prevents the electrolyte from falling out. 


The spontaneous redox reaction 
Zn(s) + Cu (aq) > Zn**(aq) + Cu(s) 
generates a voltage in the cell above. 
The oxidation half-reaction 

Zn(s) > Zn**(aq)+2e" occurs at the 
anode. Electrons are allowed to flow 
through a voltmeter before they are 2e 2e 
consumed by the reduction half-reaction 


Cu**(aq) + 2e — Cu(s) at the cathode. Zn**(aq) Cu**(aq) 


Zinc dissolves away from the anode into solution, and copper from the solution 
builds up onto the cathode. 


To maintain electrical neutrality in both compartments, positive ions 
(Zn** and Na*) migrate through the salt bridge from the anode half-cell to the 
cathode half-cell and negative ions (NO3 ) migrate in the opposite direction. 


An animation of the cell described above is located at 
http:/Awww.mhhe.com/physsci/chemistry/essentialchemistry/flash/galvan5.swf. 


A summary of anode and cathode properties for both cell types is contained in 
the table below. 

Electrochemical 
cell 
Oxidation 
Allowed out 


Electrolytic cell 


Oxidation 
Pulled out 


+ 


Reduction 
Forced in 


Half-reaction 
Anode Electron flow 


Electrode polarity 


Reduction 
Allowed in 


+ 


Half-reaction 
Cathode Electron flow 


Electrode polarity 


The reducing and oxidizing agents in a standard electrochemical cell are 
depleted with time. In a rechargeable battery (e.g., lead storage batteries in 
cars) the direction of the spontaneous redox reaction is reversed and reactants 
are regenerated when electrical energy is added into the system. A fuel cell 
has the same components as a standard electrochemical cell except that 
reactants are continuously supplied. 
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Skill 11.5 Relating cell potentials to spontaneity and equilibrium 
constants 


See Skill 11.3 for information on cell potentials. The standard potential of an 


oxidation half-reaction E$, is equal in magnitude but has the opposite sign to 
the potential of the reverse reduction reaction. Standard half-cell potentials 
are tabulated as reduction potentials. These are sometimes referred to as 
standard electrode potentials E°. Therefore, 


E? , = E° (cathode) —-E°(anode) 
Example: Given: 
E° = 0.34 V Cu** (aq) + 2€ — Cu (s) 
E° = —0.76 V Zn” (aq) + 2e > Zn (s) 


find the standard cell potential of the system: 


Zn(s) + Cu**(aq) > Zn**(aq) + Cu(s) 


Solution: E° 


cell 


= E° (cathode) - E° (anode) 
= E° (Cu” (aq) +267 > Cu(s)) -E° (Zn** (aq) +2e° > Zn(s)) 
=0.34 V -(-0.76 V) =1.10 V. 


Spontaneity 


When the value of E° is positive, the reaction is spontaneous. If the E° value is 
negative, an outside energy source is necessary for the reaction to occur. In the 
above example, the E° is a positive 1.10 V, therefore this reaction is 
spontaneous. 


Skill 11.6 | Demonstrating knowledge of methods and applications of 
electrochemical analysis 


Redox is shorthand for reduction and oxidation. Reduction is the gain of an 
electron by a molecule, atom, or ion. Oxidation is the loss of an electron by a 
molecule, atom, or ion. These two processes always occur together. Electrons 
lost by one substance are gained by another. In a redox process, the oxidation 
numbers of atoms are altered. Reduction decreases the oxidation number of an 
atom. Oxidation increases the oxidation number. 
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The easiest redox processes to identify are those involving monatomic ions with 
altered charges. For example, the reaction: 


Zn(s) + Cu**(aq) —> Zn**(aq) + Cu(s) 


is a redox process because electrons are transferred from Zn to Cu. 


However, many redox reactions involve the transfer of electrons from one 
molecular compound to another. For example, the reaction: 


H, +F, > 2HF 


is a redox process because the oxidation numbers of atoms are altered. The 
oxidation numbers of elements are always zero, and oxidation numbers in a 
compound are never zero. Fluorine is the more electronegative element, so in 
HF it has an oxidation number of —1 and hydrogen has an oxidation number of 
+1. This is a redox process where electrons are transferred from Hz to F2 to 
create HF. 


In the reaction: 
HCI + NaOH — NaCl + H,O 


the H atoms on both sides of the reaction have an oxidation number of +1, the Cl 
atom has an oxidation number of -1, the Na atom has an oxidation number of +1, 
and the O atom has an oxidation number of -2. This is not a redox process 
because oxidation numbers remain unchanged by the reaction. 


An oxidizing agent (also called an oxidant or oxidizer) has the ability to oxidize 
other substances by removing electrons from them. The oxidizing agent is 
reduced in the process. A reducing agent (also called a reductive agent, 
reductant or reducer) is a substance that has the ability to reduce other 
substances by transferring electrons to them. The reducing agent is oxidized 
in the process. 


Redox reactions may also be written as two half-reactions, a reduction half- 
reaction with electrons as a reactant and an oxidation half-reaction with 
electrons as a product. 


Example: The redox reaction: 
Zn(s) + Cu**(aq) > Zn**(aq) + Cu(s) 


may be written in terms of the half-reactions: 


2e + Cu” (aq) > Cu (s) 
Zn (s) > Zn** (aq) + 2€ 
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Determining whether a chemical equation is balanced requires an additional step 
for redox reactions because there must be a charge balance. For example, the 
equation: 

Sn” +Fe* > Sn“ +Fe* 


contains one Sn and one Fe on each side but it is not balanced because the sum 
of charges on the left side of the equation is +5 and the sum on the right side is 


+6. One electron is gained in the reduction half-reaction (Fe* +e” — Fe**), but 
two are lost in the oxidation half-reaction (Sn** — Sn“ + 2e7). 


The equation: 
Sn” + 2Fe** > Sn“ + 2Fe** 


is properly balanced because both sides contain the same sum of charges (+8) 
and the electrons cancel from the half-reactions: 


2Fe** +2e° > 2Fe** 
Sn” > Sn“ +2e 


Oxidation number method 
Redox reactions must be balanced to observe the Law of Conservation of Mass. 
This process is a little more complicated than balancing other reactions because 
the number of electrons lost must equal the number of electrons gained. 
Balancing redox reactions, then, conserves not only mass but also charge or 
electrons. It can be accomplished by slightly varying our balancing process. 
Example: Balance the reaction: 

Cr2O3 + Al > Cr + Al203 


Solution: Assign oxidation numbers to identify which atoms are losing and 
gaining electrons: 


Cr203 + Al > Cr + Al203 
3+2- 0 0 3+ 2- 


Identify those atoms gaining and losing electrons: 


cr** + Cr° gained 3 electrons = reduction 
AP > AI* lost 3 electrons = oxidation 


CHEMISTRY 144 


TEACHER CERTIFICATION STUDY GUIDE 


Balance the atoms and electrons: 


Cr2O3 > 2Cr + 6e 
2Al + 6€ > Al203 
Balance the half reactions by adding missing elements. Ignore elements whose 
oxidation number does not change. Add H20 to add oxygen and H* to add 
hydrogen: 
Cr203 + 6H* — 2Cr + 6e + 3H2O 
2Al + 6e + 3H20 > Al0O3 + 6H* 


Put the two half reactions together and add the species. Cancel out the species 
that occur in both the reactants and products. The balanced equation is: 


Cr2O3 + 2Al > 2Cr + Al2O3 
Example: Balance the reaction: 
AgNO; + Cu + CuNO; + Ag 
Solution: Assign oxidation numbers to identify which atoms are losing and 
gaining electrons: 
AgNO; + Cu — Cu(NOs3)2 + Ag 
1+5+2- O 2+ 5+2- 0 


Identify those atoms gaining and losing electrons: 


Ag’ +e > Ag? 1 electron gained = reduction 
Cu’ > Cu” + 2e° 2 electrons lost = oxidation 


Balance the atoms and electrons: 


2AgNO; + 2e —> 2Ag° 
Cu? —> Cu(NO3)2 + 2e 


Put the two half reactions together and add the species. Cancel out the species 
that occur in both the reactants and products. The balanced reaction is: 


2AgNO3 + Cu — Cu(NO3)2 + 2Ag 
Example: Balance the reaction: 


Ag2S + HNO}; > AgNO; + NO + S + H20 
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Assign oxidation numbers: 


Ag2S + HNO; > AgNO3 + NO + S + H20 
1+ 2- 1+5+2- 1+5+2- 2+2- 0 1+2- 


Identify those atoms gaining and losing electrons: 


S* > S° + 2e gained 2 electrons = oxidation 
N°*+ 3e N” lost 3 electrons = reduction 


Balance the atoms: 


2NO3 + Ag2S —>S+2e+ 2AgNO3 
3H* + HNO; + 3e — NO + 2H20 


Balance electrons lost and gained: 
6NO3 + 3Ag2S > 3S + 6e + 6AgNO3 
6H* + 2HNO3 + 6€ — 2NO + 4H20 
Put the two half reactions together and add the species. Cancel out the species 
that occur in both the reactants and products. The balanced equation is: 
3Ag2S + 8HNO3 —> 6AGNO3+ 2NO + 3S + 4H20 
To balance a redox reaction which occurs in basic solution is a very similar to 
balancing a redox reaction which occurs in acidic conditions. First, balance the 
reaction as you would for an acidic solution and then adjust for the basic solution. 
Example: Solid chromium(III) hydroxide, Cr(OH)s3, reacts with aqueous chlorate 
ion, ClO3,, in basic conditions to form chromate ions, CrO,”,, and chloride ions, 
CT: 
Cr(OH); (s) + CIO; (aq) > CrO,” (aq) + CF (aq) (basic) 


Solution: Write the half-reactions: 


Cr(OH); (S) > CrO,” (aq) 
CIO; (aq) —> CI (aq) 


Balance the atoms in each half-reaction. Use H20 to add oxygen atoms and H* 
to add hydrogen atoms: 


H20 (N + Cr(OH); (S) > CrO.* (ag) + 5H* (aq) 
6H" (aq) + ClO3 (aq) > CI (aq) + 3H20 (N 
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Balance the charges of both half-reactions by adding electrons: 


H20 (N + Cr(OH); (S) > CrO,” (aq) + 5H* (aq) + 3e 
6e + 6H" (aq) + CIO3 (aq) > CF (aq) + 3H20 (N 


The number of electrons lost must equal the number of electrons gained so 
multiply each half-reaction by a number that will give equal numbers of electrons 
lost and gained: 


2H20 (N + 2 Cr(OH); (S) > 2CrO,* (aq) + 10H* (ag) + 6e 
6e + 6H’ (aq) + ClOz (aq) > CF (aq) + 3H20 (N 


Add the two half-reactions together, canceling out species that appear on both 
sides of the reaction. Since the reaction occurs in basic solution and there are 4 
H* ions on the right side, 40H need to be added to both sides. Combine the H* 
and OH where appropriate to make water molecules to write the final balanced 
equation: 


AOH (aq) + 2Cr(OH)3(s) + ClOx (aq) > 2CrO4” (aq) + Cl (aq) + 5H20 (1) 
Skill 11.7 Identifying applications of electrochemistry 


Most combustion reactions are the oxidation of a fuel material with oxygen gas. 
Complete burning produces carbon dioxide from all the carbon in the fuel, and 
water from the hydrogen in the fuel. These reactions are used mainly for the 
production of heat energy. The fuel value is the energy released when 1.0 gram 
of a material is combusted. This number is a positive number since energy is 
released and it is measured by calorimetry. 


Biochemical combustion involves the use of enzymes to lower the activation 
energy so that the combustion reaction can be carried out at low temperatures, 
such as body temperature (37°C). In our bodies, most of the energy comes from 
the combustion of carbohydrates and fats. Starch, a carbohydrate, is 
decomposed in the intestines into glucose, CgH120.. Glucose is soluble in blood 
and is transported to cells where it reacts with oxygen, producing carbon dioxide 
and water while releasing 2803 kJ/mol of energy: 


C6H120s (S) + 60; (g) > 6CO> (g) + 6H20 (N AH = -2803 kJ 


Carbohydrates supply energy quickly due to their rapid breakdown. Storage of 
carbohydrates is limited, however. 
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Fats also undergo combustion in the cells to produce carbon dioxide and water: 


2C57H1100¢ (S) + 16302 (g) > 114COz (g) + 110H20 (/) AH =-75.520 kJ 
(tristearin) 


The fuel values of carbohydrates, fats and proteins are listed below: 


Fuel Value (kJ/g) 


Carbohydrate 17 
Fat 38 
Protein 17 


This energy is used to regulate body temperature, contract muscles, and build 
and repair tissues. Any excess energy is stored as fat. Fats are insoluble in 
water and they produce more energy per gram than carbohydrates and proteins, 
so they are prefect for storing excess energy. 


Combustion in the body releases less energy than combustion in a calorimeter 
because the products are slightly different. In the body, protein, which contains 
nitrogen, forms urea, (NH2)2CO. However in the calorimeter, proteins form N2 
when combusted. 


The combustion of fossil fuels releases energy as well. This energy is in the form 
of heat, and carbon dioxide and water are formed as the bonds in the fossil fuel 
rearrange themselves during the combustion reaction. Coal, petroleum, and 
natural gas are known as fossil fuels and are formed from the decay of living 
matter. 


Natural gas is gaseous hydrocarbons, primarily methane with small amounts of 
ethane, propane, and butane. Natural gas has a fuel value of 49 kJ/g. 

Petroleum, with a fuel value around 48 kJ/g (gasoline), is a liquid that contains 
many small compounds, mostly hydrocarbons but also some organic compounds 
containing sulfur, nitrogen, and oxygen. These impurities result in air pollution 
when petroleum is burned. Coal is a solid that consists of large hydrocarbons as 
well as some impurities of sulfur, nitrogen, and oxygen. Again, it is these 
impurities that produce the contaminants in air pollution when coal is burned. 
Anthracite coal has a fuel value of 31 kJ/g, while bituminous coal has a fuel value 
of 32 kJ/g. The combustion of methane is shown below: 


CHa (g) + O2 (g) > COz (g) + 2H20 (g) AH = -802 kJ 


Also see Skill 11.4 for information on electrolytic cells and electroplating. 
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COMPETENCY 12.0 UNDERSTAND QUALITATIVE ANALYSIS. 


Skill 12.1 | Demonstrating knowledge of various separation techniques 
(e.g., distillation, filtration, chromatography) and their basic 
principles 


Centrifugation 


A centrifuge separates two immiscible phases by spinning the mixture (placed in 
a centrifuge tube) at high speeds. A microfuge or microcentrifuge is a small 
centrifuge. The weight of material placed in a centrifuge must be balanced, so if 
one sample is placed in a centrifuge, a tube with roughly an equal mass of water 
should be placed opposite the sample. 


Filtration 


The goal of gravity filtration is to remove solids from a liquid and obtain a liquid 
without solid particulates. Filter paper is folded, placed in a funnel on top of a 
flask, and wetted with the solvent to seal it to the funnel. Next the mixture is 
poured through, and the solid-free liquid is collected from the flask. 


The goal of vacuum filtration is usually to remove liquids from a 
solid to obtain a solid that is dry. An aspirator or a vacuum pump is 
used to provide suction though a rubber tube to a filter trap. The trap 
is attached to a filter flask (Shown to the right) by a second rubber 
tube. The filter flask is an Erlenmeyer flask with a thick wall and a 
hose barb for the vacuum tube. Filter flasks are used to filter material 
using a Buchner funnel (Shown to the right) or a smaller Hirsch 
funnel. These porcelain or plastic funnels hold a circular piece of filter 
paper. A single-hole rubber stopper supports the funnel in the flask 
while maintaining suction. 


Mixing 


Heterogeneous reaction mixtures in flasks are often mixed by swirling. To usea 
magnetic stirrer, a bar magnet coated with Teflon called a flea or a stir bar is 
placed into the container, and the container is placed on the stirrer. The 
container should be moved and the stir speed adjusted for smooth mixing. 
Mechanical stirring paddles, agitators, vortexers, or rockers are also used for 
mixing. 


Decanting 


When a coarse solid has settled at the bottom of a flask of liquid, decanting the 
solution simply means pouring out the liquid and leaving the solid behind. 
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Extraction 


Compounds in solution are often separated based on their 
solubility differences. During liquid-liquid extraction (also 
called solvent extraction), a second solvent immiscible to the first 
is added to the solution in a separatory funnel (shown at right). 
Usually one solvent is nonpolar and the other is a polar solvent like 
water. The two solvents are immiscible and separate from each 
other after the mixture is shaken to allow solute exchange. One layer 
contains the compound of interest, and the other contains impurities 
to be discarded. The solutions in the two layers are separated from 
each other by draining liquid through the stopcock. 


Distillation 


Liquids in solution are often separated based on their boiling point differences. 
During simple distillation, the solution is placed in a round-bottom flask called 
the distillation flask or still pot, and boiling stones are added. The apparatus 
shown below is assembled (note that clamps and stands are not shown), and the 
still pot is heated using a heating mantle. 


While boiling, hot vapor escapes 
through the distillation head, enters 
the condenser, and is cooled and 
condensed back to a liquid. The 
vapor loses its heat to water flowing 
through the outside of the 
condenser. The condensate or 
distillate falls into the receiving 


flask. The apparatus is open to the | 
atmosphere through a vent above Head ia 


the receiving flask. The distillate — 
= i 
J Condenser k 


contains a higher concentration of 

the liquid with the lower boiling point. 

The less volatile liquid reaches a $ = 

high N in the still pot. Water out f Yi an 
Head temperature is monitored Stillpot Water in 
during the process. 

Distillation may also be used to 

remove a solid from a pure liquid by Receiving 
boiling and condensing the liquid into flask 
the receiving flask. 
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Skill 12.2 Selecting an appropriate separation technique in a given 
situation 


See Skill 12.1. 


Skill 12.3 Demonstrating knowledge of the methods and equipment used 
for determining the types of substances present in a sample 


The investigation of an substances to identify it’s components almost always 
begins with separation processes (see Skill 12.1). Though physical and 
chemical analysis (see Skill 14.3) may then be used to investigate the resultant 
substances, spectroscopy is the most definitive way to determine their identities 
(see Competency 18). 


Skill 12.4 Identifying everyday applications of qualitative analysis. 


Although most people, in their everyday lives, do not perform the types of 
experiments and procedures associated with qualitative chemical analysis, the 
results and benefits of qualitative analysis have a tremendous impact in common 
experience. 


One common example of qualitative analysis is the examination of the conditions 
of a particular environment. Farmers, for example, may have soil samples 
examined for mineral content to determine any necessary steps for producing a 
better crop yield. Qualitative analysis is also employed in detecting the presence 
of pollutants in rivers or other bodies of water, or in the land or air. Those who 
use water from wells may periodically have those wells tested for toxic 
substances such as lead. Again, although most people only see the results of the 
analysis as a positive or negative finding for some chemical or element, the 
rigorously developed procedures of qualitative analysis have still been applied. 


Visits to the doctor may lead to blood tests, or some other test, involving 
examination of a sample taken from the body. These tests may involve 
qualitative analysis for the purpose of determining the presence of some 
substance in the blood, for example. A toxicologist might examine a sample for 
some poisonous substance, such as a toxic metal or metal salt. Although the 
specific procedures of organic analysis versus inorganic analysis may differ, the 
general goal and overall approach is mostly the same. In the case of medical or 
toxicological analysis, the procedures may be highly involved due to the complex 
nature of living creatures. 
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Although many people do not know about or, perhaps, understand the details of 
qualitative analysis, products for home analysis are becoming increasingly 
available. In some cases, tests for certain chemicals or elements, such as lead, 
may be performed directly by the consumer; in other cases, the consumer may 
collect samples to be shipped to a laboratory for professional testing. Of course, 
the quality of such kits varies, but the everyday applications of qualitative 
analysis are illustrated by the increasing availability of these kits. 


Widely available chemicals, even in the form of food products, can also serve as 
an entertaining or heuristic method of simple qualitative analysis. For instance, 
many people are aware that the addition of sodium bicarbonate (baking soda) to 
vinegar will cause the vinegar to fizz as it produces a gas. The realization that 
sodium bicarbonate is basic and that vinegar is acidic can lead to the ability to do 
further, more refined testing. For instance, baking soda can be used to test other 
solutions for acidity. Although such simple tests are not as sophisticated as 
modern laboratory tests, they are illustrative and can, through everyday 
situations, lead to a growing awareness and understanding of the principles of 
chemistry. 
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COMPETENCY 13.0 UNDERSTAND CHEMICAL THERMODYNAMICS AND 
THERMOCHEMISTRY. 


Skill 13.1 Differentiating among forms of energy (e.g., heat, chemical, 
nuclear) 


Abstract concept it might be, but energy is one of the most fundamental concepts 
in our world. We use it to move people and things from place to place, to heat 
and light our homes, to entertain us, to produce food and goods and to 
communicate with each other. It is not some sort of magical invisible fluid, 
poured, weighed or bottled. It is not a substance but rather the ability possessed 
by things. 


Technically, energy is the ability to do work or supply heat. Work is the 
transfer of energy to move an object a certain distance. It is the motion against 
an opposing force. Lifting a chair into the air is work; the opposing force is 
gravity. Pushing a chair across the floor is work; the opposing force is friction. 


Heat, on the other hand, is not a form of energy but a method of transferring 
energy. 


This energy, according to the First Law of Thermodynamics, is conserved. That 

means energy is neither created nor destroyed in ordinary physical and chemical 

processes (non-nuclear). Energy is merely changed from one form to another. 

Energy in all of its forms must be conserved. In any system, AE= q +w (E = 
energy, q = heat and w = work). 


Potential Energy exists in two basic forms, potential 
>- Energy and kinetic. Kinetic energy is the energy of a 
& moving object. Potential energy is the energy 
stored in matter due to position relative to 
z other objects. 


2 Kinetic Energy 
| o] > In any object, solid, liquid or gas, the atoms 
®) 

A and molecules that make up the object are 
constantly moving (vibrational, translation and 
rotational motion) and colliding with each 
other. They are not stationary. 


Due to this motion, the object’s particles have varying amounts of kinetic energy. 
A fast moving atom can push a slower moving atom during a collision, so it has 
energy. All moving objects have energy and that energy depends on the object’s 
mass and velocity. Kinetic energy is calculated: K.E. = % mv’. 
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The temperature exhibited by an object is proportional to the average kinetic 
energy of the particles in the substance. Increase the temperature of a 
substance and its particles move faster so their average kinetic energies 
increase as well. But temperature is NOT an energy, it is not conserved. 


The energy an object has due to its position or arrangement of its parts is called 
potential energy. Potential energy due to position is equal to the mass of the 
object times the gravitational pull on the object times the height of the object, or: 


PE = mgh 
Where PE = potential energy; m = mass of object; g = gravity; and h = height. 


Heat is energy that is transferred between objects caused by differences in their 
temperatures. Heat passes spontaneously from an object of higher temperature 
to one of lower temperature. This transfer continues until both objects reach the 
same temperature. Both kinetic energy and potential energy can be transformed 
into heat energy. When you step on the brakes in your car, the kinetic energy of 
the car is changed to heat energy by friction between the brake and the wheels. 
Other transformations can occur from kinetic to potential as well. Since most of 
the energy in our world is in a form that is not easily used, man and mother 
nature has developed some clever ways of changing one form of energy into 
another form that may be more useful. 


Gravitational Potential Energy: 

When something is lifted or suspended in air, work is done on the object against 
the pull of gravity. This work is converted to a form of potential energy called 
gravitational potential energy. 

Nuclear Potential Energy: 

The nuclear energy trapped inside the atom is referred to as nuclear energy. 
When the atom is split, tremendous energy is released in the form of heat and 
light. 

Chemical Potential Energy: 

The energy generated from chemical reactions in which the chemical bonds of a 
substance are broken and rearranged to form new substances is called chemical 
potential energy. 


Electrical Kinetic energy: 


The flow of electrons along a circuit is called electrical energy. The movement of 
electrons creates an electric current which generates electricity 
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Mechanical Kinetic Energy: 


Mechanical energy is the energy of motion doing work, like a pendulum moving 
back and forth in a grandfather clock. 


Thermal Kinetic Energy: 


Thermal Energy is defined as the energy that a substance has due to the chaotic 
motion of its molecules. Molecules are in constant motion, and always possess 
some amount of kinetic energy. It is also called Internal energy and is not the 
same as heat. 


Light or Radiant Kinetic Energy: 


Radiant energy comes from a light source, such as the sun. Energy released 
from the sun is in the form of photons. These tiny particles, invisible to the human 
eye, move in a way similar to a wave. 


Energy transformations make it possible for us to use energy; do work. Here are 
some examples of how energy is transformed to do work: 


1. Different types of stoves are used to transform the chemical energy of the fuel 
(gas, coal, wood, etc.) into heat. 


2. Solar collectors can be used to transform solar energy into electrical energy. 


3. Wind mills make use of the kinetic energy of the air molecules, transforming it 
into mechanical or electrical energy. 


4. Hydroelectric plants transform the kinetic energy of falling water into electrical 
energy. 


5. A flashlight converts chemical energy stored in batteries to light energy and 
heat. Most of the energy is converted to heat, only a small amount is actually 
changed into light energy. 


Skill 13.2 | Analyzing how the laws of thermodynamics apply to chemical 
systems 


Thermodynamics is the study of energy flow in natural systems. Findings in this 
area have been codified into three important physical laws that describe how 
energy behaves throughout the universe. In addition to the three traditional laws 
a zeroth law is often included: 
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Zeroth Law: If two thermodynamic systems are in thermal equilibrium with a 
third, they are also in thermal equilibrium with each other. This law simply 
establishes equivalence in thermodynamic systems. 


First Law: The increase in the energy of a closed system is equal to the amount 
of energy added to the system by heating, minus the amount lost in the form of 
work done by the system on its surroundings. This law means that energy is 
conserved: energy can be transferred from one system to another, but not 
created or destroyed. Thus, the total amount of energy available in the Universe 
is constant. Einstein's famous equation (E=mc’) describes the relationship 
between energy and matter. 


Second Law: The total entropy (disorder) of any isolated thermodynamic 
system tends to increase over time, approaching a maximum value. This law 
indicates that disorder increases with every reaction and some energy is always 
lost to the increase in that disorder. As a result of this law, it is also true that 
energy transfer always occurs in one direction (heat can pass spontaneously 
only from a colder to a hotter body). 


Third Law: As a system asymptotically absolute zero of temperature all 
processes virtually cease and the entropy of the system asymptotically 
approaches a minimum value. This law defines absolute zero (0 K or -273° 
C), at which all thermal motion stops. However, absolute zero cannot be 
achieved and even empty outer space has a temperature around 3 K. 


The British scientist and author C.P. Snow had an excellent way of remembering 
the three laws: 

1. You cannot win (that is, you cannot get something for nothing, because 
matter and energy are conserved). 

2. You cannot break even (you cannot return to the same energy state, 
because there is always an increase in disorder; entropy always 
increases). 

3. You cannot get out of the game (because absolute zero is unattainable). 


Skill 13.3 Predicting the spontaneity of given reactions based on 
enthalpy changes, entropy changes, and temperatures of the 
systems 


Energy is the driving force for change. Energy has units of joules (J). 
Temperature remains constant during phase changes, so the speed of 
molecules and their translational kinetic energy do not change during a 
change in phase. 
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The internal energy of a material is the sum of the total kinetic energy of its 
molecules and the potential energy of interactions between those molecules. 
Total kinetic energy includes the contributions from translational motion and other 
components of motion such as rotation. The potential energy includes energy 
stored in the form of resisting intermolecular attractions between molecules. 


Enthalpy 


The enthalpy (H) of a material is the sum of its internal energy and the 
mechanical work it can do by driving a piston. We usually don't deal with 
mechanical work in high school chemistry, so the differences between internal 
energy and enthalpy are not important. 


When a chemical reaction takes place, the enthalpies of the products will differ 
from the enthalpies of the reactants. There is an energy change for the reaction 
AH,xn, determined by the sum of the enthalpies of the products minus the 
sum of the enthalpies of the reactants: 


AH, =H +H +...-(H 


rxn ` “product 1 product2 © °°" 


The enthalpy change for a reaction is commonly called the heat of reaction. 


+H, + 


reactant 1 reactant 2 hs .) j 


If the sum of the enthalpies of the products is greater than the sum of the 
enthalpies of the reactants, then A H,xn is positive and the reaction is 
endothermic. Endothermic reactions absorb heat from their surroundings. The 
simplest endothermic reactions break chemical bonds. 


If the sum of the enthalpies of the products is less than the sum of the enthalpies 
of the reactants, then A H,xn is negative and the reaction is exothermic. 
Exothermic reactions release heat into their surroundings. 


The heat absorbed or released by a chemical reaction often has the impact of 
changing the temperature of the reaction vessel and of the chemicals 
themselves. The measurement of these heat effects is known as calorimetry. 
The enthalpy change of a reaction A H,xn is equal in magnitude but has the 
opposite sign to the enthalpy change for the reverse reaction. If a series of 
reactions lead back to the initial reactants then the net energy change for the 
entire process is zero. 


When a reaction is composed of sub-steps, the total enthalpy change will be the 
sum of the changes for each step. Even if a reaction in reality contains no sub- 
steps, we may still write any number of reactions in series that lead from the 
same reactants to the same products and their sum will be the heat of the 
reaction of interest. The ability to add together these enthalpies to form ultimate 
products from initial reactants is known as Hess's Law. It is used to determine 
one heat of reaction from others: 


AH Be mn T Fyn 1 ie zie 2 +... 
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It is generally the case that exothermic reactions are more likely to occur 
spontaneously than endothermic reactions. Molecules usually seek the lowest 
possible energy state. However, entropy also plays a critical role in determining 
whether a reaction occurs. 


A standard thermodynamic value occurs with all components at 25° C and 100 
kPa. This thermodynamic standard state is slightly different from the standard 
temperature and pressure (STP) often used for gas law problems (0° C and 1 
atm = 101.325 kPa). Standard thermodynamic values of common chemicals are 
listed in tables. 


The heat of formation AH; of a chemical is the heat taken up (positive) or 
emitted (negative) when elements react to form the chemical. It is also called the 
enthalpy of formation. The standard heat of formation AH;° is the heat of 
formation with all reactants and products at 25° C and 100 kPa. 


Elements in their most stable form are assigned a value of AH;° = 0 kJ/mol. 
Different forms of an element in the same phase of matter are known as 
allotropes. 


Entropy 


Entropy may be thought of as the disorder in a system or as a measure of the 
number of states a system may occupy. Changes due to entropy occur in one 
direction with no driving force. For example, a small volume of gas released into 
a large container will expand to fill it, but the gas in a large container never 
spontaneously collects itself into a small volume. This occurs because a large 
volume of gas has more disorder and has more places for gas molecules to be. 
This change occurs because processes increase in entropy when given the 
Opportunity to do so. Entropy has units of Joules per Kelvin (J/K). 


If two different chemicals are at the same temperature, in the same state of 
matter, and they have the same number of molecules, their entropy difference 
will depend mostly on the number of ways the atoms within the two chemicals 
can rotate, vibrate, and flex. Most of the time, the more complex molecule will 
have the greater entropy because there are more energetic and spatial states 
in which it may exist. 


At zero Kelvin (0 K) , there is no energy available for a chemical to sample 
states. The absolute entropy, S, of a pure crystalline solid at O K is zero. 
Absolute entropy may be measured and calculated for different substances at 
different temperatures. 
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The entropy change of a reaction, AS, is given by the sum of the absolute 
entropies of all the products multiplied by their stoichiometric coefficients minus 
the sum of all the products multiplied by their stoichiometric coefficients: 


For the reaction: aA + bB pP+qQ 
AS = pS (P)+qgS(Q)-aS(A)}-bS(8) 


Spontaneity and Gibbs Free Energy 


A reaction with a negative AH and a positive AS causes a decrease in energy 
and an increase in entropy. These reactions will always occur 
spontaneously. A reaction with a positive AH and a negative AS causes an 
increase in energy and a decrease in entropy. These reactions never occur to an 
appreciable extent because the reverse reaction takes place spontaneously. 


Whether reactions with the remaining two possible combinations (AH and AS 
both positive or both negative) occur depends on the temperature. If AH-TAS 
(known as the Gibbs Free Energy, AG ) is negative, the reaction will take 
place. If it is positive, the reaction will not occur to an appreciable extent. If AH— 
TAS = 0 exactly, then at equilibrium there will be 50% reactants and 50% 
products. 


A spontaneous reaction is called exergonic. A non-spontaneous reaction is 
known as endergonic. These terms are used much less often than exothermic 
and endothermic. 


Skill 13.4 Analyzing endothermic and exothermic reactions 


If the enthalpies of the products are greater than the enthalpies of the reactants 
then A H,xn is positive and the reaction is endothermic. Endothermic reactions 
absorb heat from their surroundings. The simplest endothermic reactions break 
chemical bonds. 


If the enthalpies of the products are less than the enthalpies of the reactants then 
AH xn is negative and the reaction is exothermic. Exothermic reactions release 
heat into their surroundings. The simplest exothermic reactions form new 
chemical bonds. 
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Skill 13.5 Distinguishing between heat and temperature 


Although heat and temperature are often conflated in popular parlance and, 
sometimes, even in scientific parlance, these terms actually refer to entirely 
distinct concepts. “Heat” refers to the random motion of the atoms or molecules 
that compose a substance. Thus, a cold (low-heat) substance demonstrates 
relatively little atomic or molecular motion, and it is typically in the form of a solid 
with a more highly ordered arrangement of its constituent elements. A hot (high- 
heat) substance demonstrates more atomic or molecular motion, and it may be in 
the form of a liquid or gas, each of which has a more randomly structured 
composition than a solid. (Of course, a solid substance may be considered “hot” 
as well.) 


“Temperature,” on the other hand, rather than being identical to heat, is actually a 
measure of heat. As such, temperature is a measure of the thermal motion of the 
constituent elements of a substance. Temperature may be measured according 
to various scales, with Kelvins being closer to an absolute temperature scale 
than the Celsius or Fahrenheit scales. Although temperature and heat may be 
treated as interchangeable in some contexts, they must be distinguished for a 
more precise description of the properties of matter. 


Skill 13.6 | Demonstrating knowledge of the principles of calorimetry 


A standard thermodynamic value occurs with all components at 25 °C and 100 
kPa. This thermodynamic standard state is slightly different from the standard 
temperature and pressure (STP) often used for gas law problems, (O °C and 1 
atm=101.325 kPa). Standard properties of common chemicals are listed in 
tables. 


The heat of formation AH; of a chemical is the heat required (positive) or 
emitted (negative) when elements react to form the chemical. It is also called the 
enthalpy of formation. The standard heat of formation AH;? is the heat of 
formation with all reactants and products at 25 °C and 100 kPa. 


Elements in their most stable form are assigned a value of A H;° = 0 kJ/mol. 


Different forms of an element in the same phase of matter are known as 
allotropes. 
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Example: The heat of formation for carbon as a gas is: 


AH, for C(g) = 718.4 Som ae 

mol Cin the solid phase exists in three 
allotropes. A Ceo buckyball (one face is shown to the left), contains 
C atoms linked with aromatic bonds and arranged in the shape of a 
soccer ball. Cso was discovered in 1985. Diamonds (below left) 
contains single C—C bonds in a three dimensional network. The 
most stable form at 25 °C is graphite (below right). Graphite is 
composed of C atoms with aromatic bonds in sheets. 


AH, for C,,(buckminsterfullerene or buckyball) = 38.0 = 
mo 
o kJ 
j AH, for C_ (diamond) = 1.88 —— 
oe mol 


AH, for C_ (graphite) = 0 K. 
00 mol 


Heat of combustion A He (also called enthalpy of combustion) is the heat of 
reaction when a chemical burns in O2 to form completely oxidized products such 
as CO2 and H20. It is also the heat of reaction for nutritional molecules that 
are metabolized in the body. The standard heat of combustion A H,° takes 
place at 25 °C and 100 kPa. Combustion is always exothermic, so the 
negative sign for values of A He is often omitted. If a combustion reaction is used 


in Hess's Law, the value must be negative. 


The standard molar entropy, S°, is the absolute entropy of a chemical at 1 atm 
and 25 °C. The molar entropy of a substance is expressed in units of J/mol-K. 
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Example: Determine the standard heat of formation A H;° for ethylene: 
2C(graphite)+2H,(g) > C,H,(9). 


Use the heat of combustion for ethylene: 


AH. =1411.2 for C,H,(g) +30,(g) > 2CO,(g) + 2H,O(/) 


ol C,H, 


and the following two heats of formation for CO2 and H20: 


AH, = -393.5—— for C(graphite) + O,(g) > CO,(g) 
mo 


AH es 
mol H 


for H,(9) +50.(9) > H,O(/). 


2 


Also find the standard change in entropy A S° for the formation of C2H4 


given: 


o J o J o J 
S (C(graphite)) = 5.7 —— S (H,(g))=130.6—— S (CH,(g)) = 219.4 —. 
(C(graphite)) mok < Po mal eo hic 


Will graphite and hydrogen gas react to form C2H; at 25 °C and 100 kPa? 


Solution: Use Hess's Law after rearranging the given reactions so they cancel to 
yield the reaction of interest. Combustion is exothermic, so A H for this 
reaction is negative. We are interested in C2H3 as a product, so we 
take the opposite (endothermic) reaction. The given A H are multiplied 
by stoichiometric coefficients to give the reaction of interest as the sum 
of the three: 


2C0O,,(g) + 2H,O(/) > C,H,(g)+30,(9) AH =1411.2 ow 
mol reaction 
2C(graphite) + 20,(g) > 2CO,(g) AH = —787.0 a 
mol reaction 

kJ 

2H,(g) + O,(g) > 2H,O(/) AH =—-571.8 - 

mol reaction 

. o kJ 

2C(graphite)+2H,(g) > C,H,(9) AH, =52.4 mol 
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The entropy change is found from: 


AS =S (C,H,)-2S (C)-2S (H,)= CT ae Sa, Oe ET eae 
mol K mol K mol K 


J 


=—53.2 
mol K 


This reaction is endothermic with a decrease in entropy, so it is endergonic. 
Graphite and hydrogen gas will not react to form C2H4. 


Skill 13.7 Analyzing the results of calorimetry experiments 


See Skill 13.6 


Skill 13.8 Solving enthalpy problems using Hess's law, standard 
enthalpies of formation, and bond energies. 


See Skill 13.6 
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COMPETENCY 14.0 APPLY METHODS FOR MEASURING THE PHYSICAL 
PROPERTIES OF SOLIDS, LIQUIDS, AND GASES. 


Skill14.1 | Comparing physical properties (e.g., melting point, density, 
solubility) of solids, liquids, and gases 


A physical property of matter is a property that can be determined without 
inducing a chemical change. All matter has mass and takes up space with an 
associated size. Matter experiencing gravity has a weight. Most matter we 
encounter exists in one of three phases. Some other examples of physical 
properties of matter include. 


Melting point refers to the temperature at which a solid becomes a liquid. 
Boiling point refers to the temperature at which a liquid becomes a gas. Melting 
takes place when there is sufficient energy available to break the intermolecular 
forces that hold molecules together in a solid. Boiling occurs when there is 
enough energy available to break the intermolecular forces holding molecules 
together as a liquid. 


Hardness describes how difficult it is to scratch or indent a substance. The 
hardest natural substance is diamond. 


Density measures the mass of a unit volume of material. Units of g/cm? are 
commonly used. SI base units of kg/m? are also used. One g/cm? is equal to 
one thousand kg/m*. Density (p) is calculated from mass (m) and volume (V) 
using the formula: 


Toe 


The above expression is often manipulated to determine the mass of a 
substance if its volume and density are known (m = p V) or the volume of a 
substance if its mass and density are known (V= m/ p). 


Electrical conductivity measures a material’s ability to conduct an electric 
current. The high conductivity of metals is due to the presence of metallic bonds. 
The high conductivity of electrolyte solutions is due to the presence of ions in 
solution. 


Please see Skill 7.8 for information about the dependence of physical properties 
on molecular forces. 


Skill 14.2 | Demonstrating knowledge of methods and equipment used for 
measuring the physical properties of substances 


Please see Skill 14.3 for descriptions of these methods. 
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Skill 14.3 Using the physical properties of a substance to identify it 


To identify an unknown substance based on its physical properties, one would 
start by using the five senses and noting color, hardness, luster, odor, and its 
state at room temperature. Using a thermometer, one would determine 
temperatures for state changes such as melting point, boiling point and freezing 
point. If it is a mixture, one would want to determine if the various parts could be 
separated using tweezers or by filtering through filter paper, or by evaporating 
various parts at various temperatures. One would also want to see what the 
mass and volume of the sample are and then calculate the density (D = m/V). 
Using a hammer, one could test the malleability. Running an electrical current 
through the substance would help determine its electrical and thermal 
conductivity. The results of these tests can be compared to tables of known 
values for various elements and compounds to determine the identity of the 
unknown. 
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COMPETENCY 15.0 APPLY KNOWLEDGE OF THE KINETIC MOLECULAR 
THEORY TO THE STATES OF MATTER, PHASE 
CHANGES, AND THE GAS LAWS. 


Skill 15.1 Identifying the basic tenets of the kinetic molecular theory 
Molecules have kinetic energy (they move around), and they also have 
intermolecular attractive forces (they are attracted to each other). The 


relationship between these two determines whether a collection of molecules will 
be a gas, liquid, or solid. 


A gas has an indefinite shape and an indefinite 


volume. The kinetic model for a gas is a collection of pe 
widely separated molecules, each moving in a random b 
and free fashion, with negligible attractive or repulsive o” 


forces between them. Gases will expand to occupy a Ọ 
larger container so there is more space between the No ee 
molecules. Gases can also be compressed to fit into a 

small container so the molecules are less separated. 

Diffusion occurs when one material spreads into or through another. Gases 
diffuse rapidly and move from one place to another. 


A liquid assumes the shape of any container that it 
occupies and has a specific volume. The kinetic model 
for a liquid is a collection of molecules attracted to 
each other with sufficient strength to keep them close 
to each other but with insufficient strength to prevent 
them from moving around randomly. Liquids have a 
higher density and are much less compressible than 
gases because the molecules in a liquid are closer 
together. Diffusion occurs more slowly in liquids than in gases because the 
molecules in a liquid stick to each other and are not completely free to move. 


A solid has a definite volume and definite shape; therefore, it 
is not dependent upon its container for its shape or volume. 
The kinetic model for a solid is a collection of molecules 
attracted to each other with sufficient strength to essentially 
lock them in place. Each molecule may vibrate, but it has an 
average position relative to its neighbors. If these positions 
form an ordered pattern, the solid is called crystalline. 
Otherwise, it is called amorphous. Solids have a high 
density and are almost incompressible because the molecules are very close 
together. Diffusion occurs extremely slowly because the molecules almost never 
alter their position 
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Skill 15.2 Using the kinetic theory to describe and explain 
characteristics of the states of matter, including changes of 
state 


Phase changes occur when the relative importance of kinetic energy and 
intermolecular forces is altered sufficiently for a substance to change its state. 


The transition from gas to liquid is called condensation and from liquid to gas is 
called vaporization. The transition from liquid to solid is called freezing and 
from solid to liquid is called melting. The transition from gas to solid is called 
deposition and from solid to gas is called sublimation. 


Heat removed from a substance during condensation, freezing, or deposition 
permits new intermolecular bonds to form, and heat added to a substance during 
vaporization, melting, or sublimation breaks intermolecular bonds. During these 
phase transitions, this latent heat is removed or added with no change in the 
temperature of the substance because the heat is not being used to alter the 
speed of the molecules or the kinetic energy when they strike each other or the 
container walls. Latent heat alters intermolecular bonds. 


Removing Heat 


Deposition Sublimation 


| 
| 
| 
| 
| 


Adding Heat 


Ç m m m 
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The kinetic energy of molecules is unaltered during phase changes, but the 
freedom of molecules to move relative to one another increases dramatically. 
The following table summarizes the application of kinetic molecular theory to the 
addition of heat to ice, first changing it to liquid water and then to water vapor. 


0 = no change, + = increase, ++ = strong increase 


Temperature | Average Average Intermolecular 
Effect at 1 speed of | translational | freedom of motion 
atm of the molecules | kinetic energy 
addition of of molecules 
heat to: 
Ice at less + + + + 
than 0 °C 
Ice at 0 °C 0 0 0 ++ (melting) 
Liquid water + + + + 
at 0 °C 
Liquid water 0 0 0 ++ (boiling) 
at 100 °C 
Water vapor + + + 0 (complete freedom 
at 100 °C for an ideal gas) 


The term vaporization is used for any process of liquid becoming a gas. This 
includes evaporation and boiling. Evaporation takes place at a gas/liquid 
interface when temperature is less than the boiling point. Equilibrium develops 
between the gas and liquid phases when the rates of evaporation and 
condensation are equal. 


An increase in the external pressure forces molecules closer to each other and 
may cause condensation, freezing, or deposition for most substances. Water is 
an exception because liquid water is denser than ice, so pressure favors the 
liquid state. A pressure increase for water may cause condensation, melting, or 
deposition. 


Skill 15.3 Explaining the dynamic equilibrium between phases 
A dynamic equilibrium consists of two opposing reversible processes that both 
occur at the same rate. Balance is a synonym for equilibrium. A system at 


equilibrium is stable; it does not change with time. Equilibria are drawn with a 
double arrow. 
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When a process at equilibrium is observed, it 
often doesn't seem like anything is 
happening, but at a microscopic scale, two 
events are taking place that balance each 
other. Arrows in this diagram represent the 
movement of molecules. When water is 
placed in a closed container, the water 
evaporates until the air in the container is 
saturated. After this occurs, the water level 
no longer changes, so an observer at the macroscopic scale would say that 
evaporation has ceased, but the reality on a microscopic scale is that both 
evaporation and condensation are taking place at the same rate. All equilibria 
between different phases of matter have this dynamic character on a microscopic 
scale. 


Chemical reactions often do not "go to completion." Instead, products are 
generated from reactants up to a certain point when the reaction no longer 
seems to occur, leaving some reactant unaltered. At 

this point, the system is in a state of chemical @ 
equilibrium because the rate of the forward ®—-@ (@—@) 
reaction is equal to the rate of the reverse 
reaction. An example is shown to the right. Arrows in >A 
this diagram represent the chemical reactions of 
individual molecules. An observer at the macroscopic ()—@) ® 
scale might say that no reaction is taking place at 

equilibrium, but at a microscopic scale, both the forward and reverse reactions 
are occurring at the same rate. 


Skill 15.4 Analyzing heating and cooling curves 


If a time graph was made of a 
pure substance being heated or 140 
cooled, it would look something 
like this graph for the heating of 
water. Different changes are 
taking place during each interval 
on the graph. 


Water and steam 


Temperature ( C) 


When the system is heated, 
energy is transferred into it. In 20 
response to the energy it 0 
receives, the system changes, 

either by increasing its H 
temperature or changing phase. (Heat added at constant rate) 
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During the interval marked A on the graph below, energy is being absorbed by 
the water molecules to increase the temperature to water’s melting point, 0° C. 
The slope of the line for this interval shows the increase in temperature and is 
related to the heat capacity of the substance. 


During the interval marked B on the 
graph, energy is still being added to 
the water but the temperature 
remains the same, at 0° C or water’s 
melting point temperature. The 
additional energy is being used to 
overcome the intermolecular forces 
holding the water molecules in their 
solid pattern. This energy is moving 
the particles apart, breaking or 
weakening the forces of attraction 
that keep the water molecules 
aligned. The solid water (ice) is 
being converted to liquid water; a 
phase change is occurring. The 
temperature will not increase until every solid particle has melted and the entire 
sample is liquid. 


120 


Temperature ( C) 


Time —— 
(Heat added at constant rate) 


Temperature again increases during interval C on the graph. Energy is being 
absorbed by the liquid water molecules. Notice that the slope of the line during 
this interval is different than the slope of the line during interval A. This is due to 
differences in the heat capacity of ice and liquid water. 


The flat line during interval D indicates that a phase change is occurring. The 
additional energy is being used to overcome the attractive forces holding the 
liquid water molecules together. The water molecules increase their kinetic 
energies and move farther apart, changing to water vapor. This occurs at the 
boiling point temperature, or 100° C. The temperature stays at the boiling point 
temperature until all water molecules are converted to water vapor. Once this 
conversion occurs, the temperature increases as energy is added, according to 
the heat capacity of the substance as a vapor. 
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Skill 15.5 Analyzing vapor pressure curves and phase diagrams 


Whether a substance exists as a gas, liquid, or solid depends on the nature of its 
intermolecular attractive forces and on its temperature and pressure. A phase 
diagram is a graphical way to summarize the environmental conditions under 
which the different states of a substance are stable. The diagram is divided into 
three areas representing the three possible states of the substance (gas, liquid, 
or solid). Temperature and pressure determine the phase of a substance and are 
shown on the x-axis and y-axis of the phase diagram, respectively. 


The curves separating each area represent the boundaries of phase changes 
Below is a typical phase diagram. It consists of three curves that divide the 
diagram into regions labeled “solid,” “liquid,” and “gas.” 


pressure 


temperature 


Curve AB, dividing the solid region from the liquid region, represents the 
conditions under which the solid and liquid are in equilibrium. Usually, the melting 
point is only slightly affected by pressure. For this reason, the melting point 
curve, AB, is nearly vertical. 


Curve AC, which divides the liquid region from the gaseous region, represents 
the boiling point of the liquid at various pressures. This temperature is much 
more dependent on atmospheric pressure because of the effect of pressure on 
gases. 


Curve AD, which divides the solid region from the gaseous region, represents the 
vapor pressure of the solid at various temperatures. 
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The curves intersect at A, the triple 
point, which is the temperature and 
pressure at which all three phases of a 
liquid substance exist in equilibrium. 


pressure 


temperature 


The temperature above which the 
liquid state of a substance no longer 
exists regardless of pressure is 
called the critical temperature. 


liquid 


pressure 


temperature 


The vapor pressure at the critical 
temperature is called the critical 
pressure. Note that curve AC ends at 


NE the critical point, C. 
liquid 


temperature 


The phase diagram for water is unusual. The solid/liquid phase boundary slopes 
to the left with increasing pressure because the melting point of water decreases 
with increasing pressure. Note that the normal melting point of water is lower 
than its triple point. The diagram is not drawn to a uniform scale. 
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Supercritical 
fluid 


Peritica 7— 
Solid 
1 atm 


Pressure 


Ptripte 


| 
Gas j 
| 


i 
Jl 


0°C Teripte 100 °C Teritical 
Tm Tb 
Temperature 


Many anomalous properties of water are discussed here: 
http:/Awww.|sbu.ac.uk/water/anmlies.html. 


The normal melting point (Tm) and normal boiling point (T,) of a substance 
are defined at 1 atm. Note that freezing point and melting point refer to the same 
temperature approached from different directions, but they represent the same 
concept. 


This is the phase diagram for carbon dioxide, CO2. It shows the same features as 
that of water, only at different temperatures and pressures. 


10000 
1000 CO, solid 


100 


Sublimation point 
10 -78.5°C at 1 atm 


Critical point 


Pressure (atm) 


' Triple point 
D. ! -56.6°C at 5.11 atm 


0.001 
-140 -120 -100 -80 -60 -40 -20 0 20 40 60 80 100 


Temperature (°C) 
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Skill 15.6 Analyzing the relationships among pressure, temperature, and 
volume of a gas or mixture of gases 


Charles’ law states that the volume of a fixed amount of gas at constant 
pressure is directly proportional to absolute temperature. In other words, 
increasing the temperature causes a gas to expand, in a mathematically 
proportional manner: 


VoT. 
_ ae . VVV 
Or V = kT where k is a constant. This gives a mathematical equation T = ia 
1 2 
Changes in temperature or volume can be found using Charles’ law. 


Problem: What is the new volume of a gas if 0.50 L of that gas at 25°C is 
heated to 35°C at constant pressure? 


Solution: This is a volume-temperature change so use Charles’ law. 
Temperature must be on the Kelvin scale. K = °C + 273. 


T1= 25°C + 273 = 298K 


Vi= 0.50L 
T2= 308K 
V2 =? 
. V TV1 
Use the equation: — = — and rearrange for V2 = —-<—. 
T, T;z qT 


Substitute and solve 
Vo= 0.52L. 


Boyle’s law states that the volume of a fixed amount of gas at constant 
temperature is inversely proportional to the gas pressure. In other words, 
increasing the pressure causes a gas to contract in a mathematically proportional 
manner: 


Ves 
P 


Or V = k/P where k is a constant. This gives a mathematical equation P4V1 = 
P2V2. 

Pressure or volume changes (at a constant temperature) can be determined 
using Boyle’s law. 
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Problem: A 1.5 L gas has a pressure of 0.56 atm. What will be the volume of 
the gas if the pressure doubles to 1.12 atm at constant temperature? 


Solution: This is a pressure-volume relationship at constant temperature, so 
using Boyle’s law: 


P= 0.56 atm 
Vı= 1.5L 
P2=1.12 atm 
Vo= ? 


. P, V. 
Use the equation P1V1 = P2V2, rearrange to solve for V= ——. 


2 


Substitute and solve. V2= 0.75 L 


Pressure can be in atmospheres, Pascals, or mm Hg as long as it is the same 
units for P1 and Po. 


Gay-Lussac’s law states that the pressure of a fixed amount of gas in a fixed 
volume is proportional to absolute temperature. In other words, increasing the 
temperature causes the pressure to increase in a mathematically proportional 
manner: 

PeT. 


: eae l omc, Pa P 
Or P = kT where k is a constant. This gives the mathematical equation — =— . 


1 2 
Changes in temperature or pressure (with a constant volume) can be found using 
Gay-Lussac’s law. 


Problem: A 2.25 L container of gas at 25°C and 1.0 atm pressure is cooled to 
15°C. How does the pressure change if the volume of gas remains 
constant? 


Solution: This is a pressure-volume change so use Gay-Lussac’s law. 
Change the temperatures to the Kelvin scale. K = °C+ 273. 


P,= 1.0 atm 
T1= 25 °C + 273 = 298 
T2= 15 °C + 273 = 288 


_ P, P 
Use the equation — = — to solve. 


1 2 
Rearrange the equation to solve for P2, substitute and solve. 
P,T 
P= +4 = 0.97 atm 


1 
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The combined gas law uses the three laws above to determine a proportionality 
expression that is used for a constant quantity of gas: 


Vee 
P 


The combined gas law is often expressed as an equality between identical 
amounts of an ideal gas at two different states (n1=n2): 


PY, PM, 
T, T, 


Problem: 1.5 L of a gas at STP is allowed to expand to 2.0 L at a pressure of 2.5 
atm. What is the temperature of the expanded gas? 


Since pressure, temperature and volume are all changing, use the 
combined gas law to determine the new temperature of the gas. STP 
means “Standard Temperature and Pressure.” Standard temperature 
is 273 K and standard pressure is 1.0 atm. 


P1 = 1.0 atm 
T1= 273K 
Vı=1.5L 
V2 = 2.0L 
P2= 2.5 atm 
To =? 


j i i PV, PV, 
Using this equation, er = ae rearrange to solve for T2. 
1 2 


Substitute and solve: T2= 910 K or 637 °C 


Avogadro’s hypothesis states that equal volumes of different gases at the 
same temperature and pressure contain equal numbers of molecules. 
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Avogadro’s law states that the volume of a gas at constant temperature and 
pressure is directly proportional to the quantity of gas, or: 


Von 
where n is the number of moles of gas. 


Together, Avogadro’s law and the combined gas law yield 


ve 
P 


The proportionality constant R - the ideal gas constant - is used to express this 
proportionality as the ideal gas law: 


PV =nRT. 


The ideal gas law is useful since it contains all the information of Charles’ Law, 
Boyle’s Law, Avogadro’s Law, and the Combined Gas Law in a single equality. 


Problem: What volume will 0.50 mole of an ideal gas occupy at 20.0 °C and 1.5 
atm? 


Solution: Since the problem deals with moles of gas as well as temperature and 
pressure, use the ideal gas law to find volume. 


R = 0.0821 atm L/mol K. The SI value for R of 8.314 J/(mol-K) may 
be used because a joule is defined as a Newton-meter. A value for R 
of 8.314 m?-Pa/(mol-k) is identical to the ideal gas constant using 
joules. 


PV =nRT V =nRT/ P 
V = nRT / P = 0.50 mol (0.0821 atm L/mol K) 293 K / 1.5 atm 


V =8.0L 
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Problem: At STP, 0.250 L of an unknown gas has a mass of 0.429 g. Is the gas 
SOz2, NO2, C3Hs, or Ar? Support your answer. 


Solution: Identify what is given and what is asked. 


Given: T,= 273K 
P,=1.0 atm 
V,= 0.250 L 
Mass = 0.429 g 


Determine: Identity of the gas. In order to do this, you must find the 
molar mass (MM) of the gas. js mass 
MM ` 


Find the number of moles of gas present using PV = nRT and then 
determine the MM to compare to choices given in the problem. 


Solve for n = = = (1.0 atm)(0.250 L) / (0.0821 atm L/mol KI)(273 K) 


n = 0.011 moles 


mass 


MM = = 0.429 g/0.011 mol = 39.0 g/mol 


Compare to MM of SO2 (96 g/mol), NO2 (46 g/mol), C3Hg (44 g/mol) and Ar (39.9 
g/mol). It is closest to Ar, so the gas is probably Argon. 


Many problems are given at “standard temperature and pressure” or “STP.” 
Standard conditions are exactly 1 atm (101.325 kPa) and 0° C (273.15 K). At 
STP, one mole of an ideal gas has a volume of: 


nRT 
ya 
P 
a mole 0.08206 L aim) (273 K) 
mol-K 
5 =22.4L. 
1atm 


This value of 22.4 L is known as the standard molar volume of any gas at STP. 


Tutorials for gas laws may be found online at:www.chemistrycoach.com/tutorials- 
6.htm . 


Skill 15.8 Setting up and solving problems involving gas law relationships. 


See Skill 15.6. 
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COMPETENCY 16.0 UNDERSTAND CHARACTERISTICS AND PROPERTIES 
OF SOLUTIONS. 


Skill 16.1 Analyzing the colligative properties of solutions 
A colligative property is a physical property of a solution that depends on the 
number of solute particles present in solution and usually not on the identity 


of the solutes involved. 


Vapor pressure lowering, boiling point elevation, freezing point lowerin 


After a nonvolatile solute is 
added to a liquid solvent, a 
smaller fraction of the 
molecules at the liquid-gas 
interface are now volatile 
and capable of escaping into 
the gas phase. On the other 
hand, the vapor consists of 
essentially pure solvent that 
is able to condense freely. 
This imbalance drives 
equilibrium away from the 
vapor phase and into the sovent panna pointe solution boiling point 
liquid phase and lowers the ee 

vapor pressure by an amount proportional to the number of solute particles 

present. 


, Vapor pressure of: 
the pure solvent 


aaa 


pressure (atm) 


vapor pressure of the solution 


It follows from a lowered vapor pressure that a higher temperature is required to 
achieve a vapor pressure equal to the external pressure over the liquid. Thus 
the boiling point is raised by an amount proportional to the number of solute 
particles present. 


Solute particles in a liquid solvent are not normally soluble in the solid phase of 
that solvent. When solvent crystals freeze, they typically align themselves with 
each other at first and keep the solute out. This means that only a fraction of the 
molecules in the liquid at the liquid-solid interface are capable of freezing while 
the solid phase consists of essentially pure solvent that is able to melt freely. 
This imbalance drives equilibrium away from the solid phase and into the liquid 
phase and lowers the freezing point by an amount proportional to the number 
of solute particles present. 
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Boiling point elevation and freezing point depression are both caused by a lower 
fraction of solvent molecules in the liquid phase than in the other phase. For 
pure water at 1 atm there is equilibrium at the normal boiling and freezing points. 
For water with a high solute concentration, equilibrium is not present. 


Osmotic pressure 


A semipermeable membrane is a material that permits some particles to pass 
through it but not others. The diagram below shows a membrane that permits 
solvent but not solute to pass through it. When a semipermeable membrane 
separates a dilute solution from a concentrated solution, the solvent flows from 
the dilute to the concentrated solution (i.e., from higher solvent to lower solvent 
concentration) in a process called osmosis until equilibrium is achieved. Notice 
that there is now more solvent on the side that originally had the higher 
concentration of solute. 


Concentrated Dilute Osmosis 
solution solution "> 


Semipermeable 
membrane 
Applied pressure to 


The pressure required to prevent osmosis from a Stop OSMOSIS 


pure solvent into a solution is called osmotic 

pressure. Osmotic pressure is proportional to the 

molarity (the number of particles of solute) of the 

solution and thus it is a colligative property of 

solutions, and the osmotic pressure of a pure Solution Pure 
solvent is zero. solvent 


A simulation of solutes and solvent molecules 

interacting and an animation of osmotic flow between two flexible compartments 
can be found at: http://physioweb.med.uvm.edu/bodyfluids/osmosis.htm. 

A simulation of the osmotic pressure experiment above for NaCl, sucrose, and 
albumin (a protein) is located at: 
http://arbl.cvmbs.colostate.edu/hbooks/cmb/cells/pmemb/hydrosim.html. 

Typical changes in a pressure/temperature phase diagram after adding a non- 
volatile solute are found here: 


http://chemmovies.unl.edu/ChemAnime/SOLND/SOLND.html. 
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Quantitative colligative property problems typically involve a change in a property 
related to a solute concentration by means of a direct proportionality. 


Raoult's law states that the vapor pressure of a solution with nonvolatile solutes 
is the mole fraction of the solvent multiplied by the pure solvent vapor pressure: 


P vapor =P vapor 
solution pure solvent 


(mole fraction) 


‘solvent 


Raoult's law is often used to describe the vapor pressure change from a pure 
solvent to a solution using the solute concentration: 


Ape, — paor _ pvapor — prapor (m ole fraction ) — ppor 
solution pure solvent pure solvent solvent pure solvent 
pvapor 
P iri sova (- (mole fraction ) EA ) 
__ pvapor 
=P eov (mole fraction) 


Different concentration units are used for other colligative properties to express a 
change from pure solvent. The following table summarizes these expressions: 


Equation for property X 
AX=X 


Colligative 
property 


Vapor pressure AP“? — _ pvapor 


solution X pure solvent 


pure solvent 


(mole fraction ) 
‘solute 


Proportionality 
constant 


Pure solvent vapor 


lowering pressure 
pu aT,=Ky(motatiy) | Se¥entdependan 
ee AT, =-K,(motaity) | So¥en-deperdan 
Osmotic pressure Poe gn (molarity ) (Gas constant) 


(Temperature) 


For solutions that contain electrolytes, the change from the pure solvent to a 
solution is different from what is predicted by the above equations. Due to their 
ionic nature, these substances will dissociate to put many more ions in solution 
than their molal concentration would predict. The total number of ions affects the 
colligative properties just as the number of molecules would for a nonpolar 


solute. 


The van 't Hoff factor (/) is an important factor in predicting the change in boiling 
point or freezing point of a solution after a solute has been added. The van 't Hoff 
factor is symbolized by the lower-case letter /. It is a unitless constant directly 
associated with the degree of dissociation of the solute in the solvent: 


e Substances which do not ionize in solution, like sugar, have / = 1. 
e Substances which ionize into two ions, like NaCl, have i = 2. 
e Substances which ionize into three ions, like MgCl», have i = 3. 


This pattern continues for any number of particles into which a solute dissociates. 
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Many colligative property problems compare one solution to another and may be 
solved without the use of the above expressions. All that is required for these 
comparison problems is knowledge of what the colligative properties are, how 
they are altered, and which solution contains the greater concentration of 
dissolved particles. 


The most common errors in solving all types of colligative property problems 
arise from considering some value other than the number of particles in solution. 
Remember that one mole of glucose(aq) forms one mole of hydrated particles, 
but one mole of NaCl(aq) forms two moles of hydrated particles, and one mole of 


Al, (SO, ) (aq) forms five moles of them. We would expect a 0.5 M solution of 


glucose to have roughly the same colligative properties as a 0.25 M solution of 
sodium hydroxide and a 0.1 M solution of aluminum sulfate. Also remember that 
undissolved solids do not contribute anything to colligative properties. 


Example: One mole of each of the following compounds is added to water in 
separate flasks to make 1.0 L of solution: 


Potassium phosphate 
Silver chloride 
Sodium chloride 
Sugar (Sucrose) 


A. Which solution will exhibit the greatest change in the freezing 
point temperature? 


B. Which solution will exhibit the least change in the boiling point 
temperature? Be sure to explain your choices. 


Solution: Determine the molecular formulas and analyze the choices for 
solubility and dissociation: 


Potassium phosphate KH2PO, soluble in water — 4 ions 
Silver chloride AgCI soluble in water — 2 ions 
Sodium chloride NaCl soluble in water — 2 ions 
Sugar (Sucrose) Ci2H2201, soluble in water — 1 
molecule 


A. Of the choices, potassium phosphate forms the most ions so 
given that the molar concentration of all of the choices is the same, 
K3PO, will affect the boiling point temperature and the freezing point 
temperature the most. For every 1 mole of KPO; that dissolves, 4 
moles of ions will be present in solution. 


B. Sucrose, a nonelectrolye, will have the least effect on the 
freezing point and boiling point temperatures because it is a 
molecular substance and does not dissociate into ions. For every 1 
mole of sugar in solution, only 1 mole of molecules will be present. 
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Changes to boiling point temperature and freezing point temperature may be 
determined by looking at the molal concentration of the solute, according to the 
equations in the table above. 


For boiling point temperature changes: 

ATp= mk» 
where m is the molal concentration of the solute, Ky is a constant specific to each 
solvent, and / is the number of particles or ions in solution. For water, Kp = 0.52° 
C/m. 
For freezing point temperature changes: 

AT= mk 
where m is the molal concentration of the solute, K; is a constant specific to each 


solvent, and / is the number of particles or ions in solution. For water, K;= -1.86° 
C/m. 


Example: How much will the boiling point temperature change if 31.5 grams of 
potassium chloride is added to 225 g of water? 


Solution: First convert the units and identify the constants. KCI is an electrolyte 
that dissociates into two ions, so / = 2. 


Mass of water = 225 g = 0.225 kg 

Concentration of KCI = 31.5 g / 74.5 g/mol = 0.423 mole 
m = 0.423 mol / 0.225 kg = 1.88 m 

Kp= 0.52° C/m 

i=2 


AT, = mkpi = 1.88 m (0.56° C/m) 2 = 1.96° C 
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Example: How many grams of benzoic acid (C7HgQ2, a nonelectrolyte) must be 
added to 178 g of water to increase the boiling point temperature by 
4° C? 


Solution: First convert the units and identify the constants. Benzoic acid is a 
nonelectrolyte so / = 1. 


Mass of water = 178 g = 0.178 kg 

Molecular weight of benzoic acid = 122 g/mol 
AT=4°C 

Kp = 0.52° C/m 


Rearranging the equation above and first solving for molality of 
benzoic acid: 


m = AT)/Kpi = 4/0.52° C/m x 1 = 7.69 m 
Next, solve for grams of benzoic acid: 


7.69 m x 0.178 kg water = 1.37 mol 
1.37 mol x 122 g/mol = 167 g benzoic acid 


Example: The mixture used to make ice cream does not freeze until the 
temperature reaches -15 to -18° C. Using ice alone, the temperature 
will only go down to 0° C. To reach the lower temperature needed to 
freeze the ice cream, salt (NaCl) is added to several 2.3 kg bags of ice. 
How much salt is needed to freeze the ice cream? 


Solution: Each sodium chloride particle dissociates into a Na” ion and a CI ion. 
Therefore, NaCl has an / value of 2. The temperature change 
needed is -15° C and the Ks value for water is -1.86° C/m. 


Rearranging the freezing point depression expression we can 
determine the molality of the salt-ice solution that will reach -15° C. 


m=AT = -15° C =4.0m 
Kili -1.86° C/m x 2 


m = moles/kg, so the moles of NaCl needed can be determined from 
the kilograms of ice used: 


4.0 mol/kg x 2.3 kg = 9.3 mol NaCl 


Now, the mass of NaCl needed can be found by using the 
relationship between moles and molecular weight: 


9.3 mol x 58.5 g/mol = 540 g of NaCl needed for every bag of ice 
used. 
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The most common errors in solving all types of colligative property problems 
arise from considering some value other than the number of particles in 
solution. Remember that one mole of glucose (aq) forms one mole of hydrated 
particles, but one mole of NaCl (aq) forms two moles of hydrated particles, and 


one mole of Al, (So H) (aq) forms five moles of hydrated particles. 


We would expect a 0.5 M solution of glucose to have roughly the same colligative 
properties as a 0.25 M solution of sodium hydroxide and a 0.1 M solution of 
aluminum sulfate. Also remember that non-dissolved solids do not contribute 
anything to colligative properties. 


Skill 16.2 Recognizing factors that affect solubility, including 
intermolecular forces 


Gas solubility 


Pressure does not dramatically alter the solubility of solids or liquids, but kinetic 
molecular theory predicts that increasing the partial pressure of a gas will 
increase the solubility of the gas in a liquid. If a substance is distributed 
between gas and solution phases and pressure is exerted, more gas molecules 
will impact the gas/liquid interface per second, so more will dissolve until a new 
equilibrium is reached at a higher solubility. Henry's law describes this 
relationship as a direct proportionality: 


Solubility of gas in liquid Gn MOSOMe, .. p 
L solution gaz 

For example, carbonated drinks contain CO2 and are bottled under high 
pressure, permitting the gas to dissolve into aqueous solution. When the bottle is 
opened, the partial pressure of CO: in the gas phase rapidly decreases to the 
value in the atmosphere, and the gas bubbles out of solution. When the bottle is 
closed again, CO2 gas pressure builds up in the bottle until a saturated solution 
at equilibrium is again obtained. Nitrogen also increases in the bloodstream of 
deep-sea divers when they experience high pressures. If they return to 
atmospheric pressure too rapidly, large bubbles of nitrogen gas will form in their 
blood and cause a potentially lethal condition known as the bends or 
decompression sickness. The diver must enter a hyperbaric (high pressure) 
chamber to redissolve the nitrogen back into his blood and lower the pressure 
slowly to atmospheric conditions. 


Increasing the temperature decreases the solubility of a gas in a liquid 
because kinetic energy opposes intermolecular attractions and permits more 
molecules to escape from the liquid phase. The vapor pressure of a pure liquid 
increases with temperature for the same reason. Greater kinetic energy favors 
material in the gas phase. 
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Liquid and solid solubility 


For solid and liquid solutes, the effects of temperature are dependent on whether 
the reaction absorbs heat (endothermic reaction) or releases heat (exothermic 
reaction). The following brief analysis is applicable for the effect of temperature 
on solutions. 


Three processes occur when a solution is formed: 


1) Solute particles are separated from each other, and heat is required to 
break these bonds. 


2) Solvent particles are separated from each other to create space for solute 
particles, and heat is required to break these bonds also. 


3) Solute and solvent particles interact with each other forming new bonds, 
and releasing heat. 


If the heat required for the first two processes is greater than the heat released 
by the third, then the entire reaction may be written as an endothermic process: 


Solute + Solvent + Heat — Solution 


and according to Le Chatelier’s principle, solubility will increase with 
increasing temperature for an endothermic solution process. This occurs 
for most salts in water, including NaCl. There is a large increase for potassium 
nitrate—KNOs. 


However, heat is released when many solutes enter solution, and the entire 
reaction is exothermic: 


Solute + Solvent > Solution + Heat. 


Solubility will decrease with increasing temperature for an exothermic 
solution process. This is the case for cerium(III) sulfate—Ce2(SO.)3—in water. 


The energy change associated with the process in which a solute dissolves in a 
solvent is called the heat of solution. This energy change is the net result of 
two processes: 1) the energy required to break the solute-solute bonds, called 
the crystal lattice energy, and 2) the energy released when the solute particles 
bond with the solvent molecules, called the heat of hydration. 
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Example: What is the heat of solution for KCI in water? 


Solution: The crystal lattice energy of KCI, the energy necessary to break apart 
the KCI crystal lattice and form free ions, is represented by: 


KCI (s) > K* (g) + CI (9) AH = +167.6 kcal 


The heat of hydration of KCI, the energy released when the free ions 
are hydrated, is represented by: 


K* (g) + Cl (g) > K* (aq) + CI (aq) AH = -163.5 kcal 


The overall reaction is endothermic, and the heat of solution is 
positive since more energy is required in the first step than is 
released by the second step. 
KCI (s) > K* (aq) + CF (aq) AH = +4.1 kcal 
Summary 


The following table summarizes the impact of temperature and pressure on 
solubility: 


- = decrease, 0 = no/small change, + = increase, 
++ = strong increase 


Effect on Gas solute in liquid solvent Solid and liquid solutes 
solution of an — E — — 
- . Average |Collisions of | Solubility | Solubility for | Solubility 
increase in kineti ith è Aran 
one variable ENS gas wi a . ee 
A energy of liquid endothermic | exothermic 
with the other eci interf heoi Peiroi 
consa molecules interface eat o eat o 
solution solution 


Pressure 0 ++ + 0 0 
Temperature + + = + = 
Skill 16.3 Interpreting solubility curves 


To have a clear understanding of solubility curves, we need to take a close look 
at basic terms like solubility, solubility curve, saturated solution, etc. 


The solubility is typically measured as the mass of salt that would saturate 100 
grams of water at a particular temperature. 

The solubility curve shows how the solubility of a salt varies with temperature. 
A solution is saturated if no more salt can be dissolved by that solution at that 
particular temperature. 
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Interpreting solubility curves: 


A solubility curve tells us the solubility of a substance at a particular temperature. 
One way to look at it is to see what happens if the temperature is decreased ata 
given concentration. For example, take a near boiling solution of potassium 
nitrate in water. This solution has 100g of potassium nitrate and 100g of water. 
Let the solution cool. From examining a curve (the data), we conclude that at 57 
degrees C, all the potassium nitrate dissolves in water. The solution at this point 
is saturated. Even if we slightly lower the temperature, some potassium nitrate 
will be insoluble. The lower the temperature, the less solubility of potassium 
nitrate in water, since water will not be able to dissolve the salt. We find crystals 
of potassium nitrate. At this point, there are two phases, a solution and some 
solid potassium nitrate. At 57 degrees C and above, there is only one phase, a 
solution of potassium nitrate. The solubility curve represents the boundary 
between these two different conditions. 


Finally, a solubility curves indicates the different phases of a solution due to the 
change in temperature. 


1. At one particular temperature, a solution is said to be saturated, because all 
the solute is dissolved completed. Above that temperature, we can see a 
homogeneous solution. 


2. Below that particular temperature, there are two phase evident - one is the 
solution phase, the other is the solid phase due to the undissolved solute. 


3. A solubility curve is the indicator of a solution due to the change in 
temperature. 


Skill 16.4 Solving problems involving concentrations of solutions (e.g., 
molarity, molality, percent by mass percentage) 


The molarity (M) of a solute in solution is a concentration expressed as the 
number of moles of solute in a liter of solution. 


moles solute 


Molarity= ——_—_—__—_. 
volume of solution in liters 

Molarity is the most frequently used concentration unit in chemical reactions 
because it reflects the number of solute moles available. By using Avogadro’s 
number, the number of molecules in a flask--a difficult image to conceptualize in 
the lab--is expressed in terms of the volume of liquid in the flask—a 
straightforward image to visualize and actually manipulate. 
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Rarely do we see or use concentrated solutions. The majority of solutions that 
we come across in our daily lives are dilute solutions. Molarity is useful for 


dilutions because the moles of solute remain unchanged if more solvent is added 
to the solution: 


(Initial molarity ) (Initial volume) = (molarity after dilution)(final volume) 


or 


initial inital =M final final 


Example: What is the molarity of a 5.00 liter solution that was made with 10.0 
moles of CuCl? 


Solution: We can use the original formula. Note that in this particular example, 
where the number of moles of solute is given, the identity of the solute 
(CaClz) has nothing to do with solving the problem. 


Molarity = # of moles of solute 
Liters of solution 


Given: # of moles of solute = 10.0 moles 
Liters of solution = 5.00 liters 


Molarity = 10.0 moles of CaCl, = 2.00 M 
5.00 Liters of solution 


Answer = 2.00 M 


Example: A 250 ml solution is made with 0.50 moles of NaCl. What is the 
molarity of the solution? 


Solution: In this case we are given ml, while the formula calls for L. We must 
change the ml to Liters as shown below: 


250 mt x — liter = 0.25 liters 
1000 rm} 


Now, solve the problem using the equation: 


Molarity = # of moles of solute 
Liters of solution 


Given: Number of moles of solute = 0.50 moles of NaCl 
Liters of solution = 0.25 L of solution 
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Molarity = 0.50 moles of NaCl = 2.0 M solution 
0.25L 


Answer = 2.0 M solution of NaCl 


Example: What is the molarity of 3.50 L of solution that contains 90.0 g of 
sodium chloride? 


Solution: Grams must be converted to moles within the molarity equation: 
M = 90.0 g NaCl x (1 mol / 58.5 g) / 3.50 L = 0.440 M 


The molality (m) of a solution is a concentration expressed as the number of 
moles of the solute in a kilogram of solvent. 


moles solute 
mass of solvent in kilograms 


Molality= 


Molality is a useful measure of concentration in situations where solution density 
(and thus, volume) is changing and the impact of this change is not important. 
The molarity of a solution will change with temperature because the liquid will 
expand or contract. Molality will remain constant. Because water typically has a 
density of one kilogram per liter, the molality and molarity of aqueous solutions at 
room temperature have roughly the same numerical value. Molality is used in 
calculating freezing point depressions and boiling point elevations. 


Example: Calculate the molality when 75.0 grams of MgClz is dissolved in 500.0 
g of solvent. 


Solution: Since m = # mol solute 
Kg solvent 


First we need the number mol solute (MgClz2) 
# mol = 75.0 g MgClz/ 95.3 g/mol =0.787 mol 


We also need kg of solvent so 500.0 g of solvent needs to be 
converted to kg. 


Kg = 500.0 g x 1 kg/1000 g = 0.5000 kg 
Now it is just a matter of substituting into the molality formula: 


molality = 0.787 mol/0.5000 kg =1.57 m 
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Example: What is the molality of a solution composed of 2.55 g of acetone, 
(CH3)2CO, dissolved in 200 g of water? 


Solution: First, convert the units: 2.55 g x 1 mol / 58 g = 0.044 mol acetone, and 
200 g water = 0.200 kg water. 


m = 0.044 mol / 0.200 kg water = 0.22 m 


The normality (abbreviated N) of a solution is defined as the number of 
equivalents of a solute per liter of solution. 


equivalents solute 
volume of solution in liters 


Normality= 


An equivalent is defined according to the type of reaction being examined, but 
the number of equivalents of solute is always a whole number multiple of the 
number of moles of solute, and so the normality of a solute is always a whole- 
number multiple of its molarity. An equivalent is defined so that one equivalent of 
one reagent will react with one equivalent of another reagent. 


For acid-base reactions, an equivalent of an acid is the quantity that supplies 1 
mol of H* and an equivalent of a base is the quantity reacting with 1 mol of HË. 
For example, one mole of H2SO, in an acid-base reaction supplies two moles of 
H+. The mass of one equivalent of H2SO,j is half of the mass of one mole of 
H2S0,;,, and its normality is twice its molarity. In a redox reaction (see 
competency 9), an equivalent is the quantity of substance that gains or loses one 
mol of electrons. 

Percent by mass or volume expresses the amount (mass) of solute present as 
a percentage of the total solution present: 


% by mass = mass of solute x 100% 
mass of solute + mass of solvent 


% by volume = volume of solute x 100% 
volume of solute + volume of solvent 
(or total volume of solution) 


Example: What is the percent by mass of a solution prepared by dissolving 4.0 
g of CH3COOH in 35.0 g of water? 


Solution: 
% by mass = mass of solute x 100% 
mass of solute + mass of solvent 


=4g/(4g+35g) = 10% 
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Example: The label on a 500 mL bottle of hydrogen peroxide, H2O2, says 3% by 
volume. How much hydrogen peroxide does it contain? 


Solution: Rearranging the volume equation above: 
Volume of solute = volume of solution x % by volume / 100% 
Volume of H2O2 = 3% x 500 mL / 100% = 15 mL 


A Mole fraction expresses the proportion of a component in a solution relative to 
the entire number of moles present. If you were able to pick out a molecule at 
random from a solution, the mole fraction of a component represents the 
probability that the molecule you picked would be from that particular component. 
Mole fractions for all components must sum to one, and mole fractions are just 
numbers with no units. 


moles of component 
total moles of all components 


Mole fraction of a component= 


Parts per million (ppm) is frequently used when very small amounts of solute 
are present, such as contaminants in water. When dealing with very small 
amounts of solute, it is more convenient to use the expression parts per million 
(ppm) or even parts per billion (ppb). In comparison, a 1% saline (NaCl) solution 
means that there is 1 part NaCl per one hundred parts water. 


Example: What is the concentration of a solution in percent, ppm, and ppb that 
contains 10 g of NaCl dissolved in 90 grams of H20? 


Solution: The total mass of the solution is 10 g + 90 g = 100 g. Therefore: 


Percent by weight = 10 g NaCl / 100 g solution = 0.1 x 100% = 10% 
ppm = 10 g NaCl / 100 g solution = 0.1 x 1,000,000 = 100,000 ppm 


ppb = 10 g NaCl / 100 g solution = 0.1 x 1,000,000,000 = 
100,000,000 ppb 


Skill 16.5 Analyzing the process of dissociation in solution 


A few equilibrium constants are used often enough to have their own unique 
nomenclature. 
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The solubility-product constant, Ksp, is the equilibrium constant for an ionic 
solid in contact with a saturated aqueous solution. The two processes with equal 
rates in this case are dissolution and crystallization. 


ionic compound(s) p Cation* (aq)+q Anion’ (aq) 


K,, = [ cation* |’ [anion |’ 


Because this is an example of a heterogeneous equilibrium, the concentration of 
pure solid is not included as a variable. Ksp is a different quantity from solubility. 
Ksp is an equilibrium constant, and solubility is the mass of solid that is able to 
dissolve in a given quantity of water. 


Example: Solid lead chloride PbCl is allowed to dissolve in pure water until 
equilibrium has been reached and the solution is saturated. The 
concentration of Pb** is 0.016 M. What is Ksp for PoCl2? 


Solution: For PbCI,(s)0 Pb**(aq)+2Cl (aq), Ko =[Pb* ][cr Ý. The only 


source of both ions in solution is PbCl», so the concentration of CI” 
must be twice that for Pb?*, or 0.032 M. Therefore, 


K,, = (0.016 (0.032) = 1.6 x 10° 


The acid-dissociation constant, Ka, is the equilibrium constant for the ionization 
of a weak acid to a hydrogen ion and its conjugate base. 


HX(aq)0 H'(aq)+X (aq) K, = ae 


Polyprotic acids have unique values for each dissociation: Kai, Ka2, etc. 


Example: Hydrofluoric acid is dissolved in pure water until [H*] reaches 0.006 M. 
What is the concentration of undissociated HF? Ka for HF is 6.8X10~. 


Solution: HF(aq)0 H*(aq)+F (aq), ue La 


The principle source of both ions is dissociation of HF (autoionization 
of water is negligible). Therefore, 


[F | = [H | = 0.006 M and [HF] = una = Ce =0.05 M 


a 
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The base-dissociation constant, Ky, is the equilibrium constant for the addition 
of a proton to a weak base by water to form its conjugate acid and an OH ion. 


In these reactions, it is water that is dissociating as a result of reaction with the 
base. 


weak base(aq) +H,O(/) 


conjugate acid(aq)+OH (aq) 
[conjugate acid]| OH | 
[weak base] 


b 


The concentration of water is nearly constant and is incorporated into the 
dissociation constant. 


For ammonia (the most common weak base), the equilibrium reaction and base- 
dissociation constant are: 


NH, (aq)+H,O(/)0 NH," (aq)+OH (aq) 


[NH,* || OH | 


[Nn] 


b 


Example: Ky for ammonia at 25 °C is 1.8X10™®. What is the concentration of OH™ 
in an ammonia solution at equilibrium containing 0.2 M NH3 at 25°C? 


Solution: Let x = | OH | . The principle source of both ions is NH3 (autoionization 


of water is negligible). Therefore, x = [NH | as well. 
K [NEN LOK | -2% 218x10 
s [NH, | 02 


Solving for x yields: 


x = (0.2)(1.8x10®) = 0.002 M OH- 


The ion-product constant for water, K,, is the equilibrium constant for the 


dissociation of H2O. Water molecules may donate protons to other water 
molecules in a process known as autoionization. 


2H,O(/)0 H,O* (aq)+OH (aq) 
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A hydrated water molecule is often referred to as H* (aq), so the above equation 
may be rewritten as the following reaction that defines Ky. As with Kp, the 
concentration of water is nearly constant. 


H,O(/)0 H*(aq)+OH (aq) 
K„ =|H* || OH |=1.0x10% at 25°C. 


Example: a) What is the concentration of OH” in an aqueous solution with an H* 
concentration of 2.5X10°° M? 


b) What is the concentration of H* when pure water reaches 
equilibrium? 


Solution: a) K, =[H* || OH” |=(2.5x10°)| OH” ]=1.0x10™ 


Solving for | OH ] yields: 


[OH ]= 1.0x10™ _ 400x107 


~ 2.5x10° 
b) The autoionization of pure water creates an equal concentration of 
the two ions: 
[H ]=[ OH" ] 
Therefore, 


Solving for [H | yields: 
PH | 20200: 


Skill 16.6 Identifying properties of strong and weak electrolyte solutions 


water are called strong electrolytes because these solutions easily conduct 
electricity. Most salts are strong electrolytes. Other compounds, including many 
acids and bases, may dissolve in water without completely ionizing. These are 
referred to as weak electrolytes, and their state of ionization is at equilibrium 
with the larger molecule. Those compounds that dissolve with no ionization (e.g., 
glucose, CgH120¢) are called nonelectrolytes. 
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Particles in solution are free to move about and collide with each other, vastly 
increasing the likelihood that a reaction will occur compared with particles in a 
solid phase. Aqueous solutions may react to produce an insoluble substance 
that will fall out of solution as a solid or gas precipitate in a precipitation 
reaction. Aqueous solution may also react to form additional water, or a 
different chemical in aqueous solution. 


Strong acids and bases are strong electrolytes, and weak acids and bases are 
weak electrolytes, so strong acids and bases completely dissociate in water, 
but weak acids and bases do not. 


Example: HCl(aq) + H,O(/) > H,O*(aq) + CF (aq) goes to completion because HCI 
is a strong acid. The acids in the previous examples were all weak. 


The aqueous dissociation constants Ka and Kp quantify acid and base strength. 
Another way of looking at acid dissociation is that strong acids transfer protons 
more readily than H30* transfers protons, so they protonate water, the conjugate 
base of H30”. In general, if two acid/base conjugate pairs are present, the 
stronger acid will transfer a proton to the conjugate base of the weaker 
acid. 


Acid and base strength is not related to safety. Weak acids like HF may be 
extremely corrosive and dangerous. The most common strong acids and 
bases are listed here: 


Strong acid Strong base 
HCI | Hydrochloric acid LiOH Lithium hydroxide 
HBr | Hydrobromic acid | NaOH Sodium hydroxide 

HI Hydroiodic acid KOH Potassium hydroxide 
HNO3 Nitric acid Ca(OH)2 | Calcium hydroxide 
H2S0, Sulfuric acid Sr(OH)2 | Strontium hydroxide 
HClO, | Perchloric acid | Ba(OH)2 | Barium hydroxide 


A flash animation tutorial demonstrating the difference between strong and weak 
acids is located at 


http://www.mhhe.com/physsci/chemistry/essentialchemistry/flash/acid13.swf. 
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Skill 16.7 Applying solubility rules of inorganic salts to predict the 
occurrence of precipitation reactions 


Aqueous solutions may react to produce an insoluble substance that will fall out 
of solution as a precipitate in a precipitation reaction. Aqueous solution may 
also react to form additional water, or a different chemical in aqueous solution. 


Given a cation and anion in aqueous solution, we can determine if a precipitate 
will form according to some common solubility rules: 


1) Salts with NH,” or with a cation from group 1 of the periodic table are 
soluble in water. 


2) Nitrates (NO3), acetates (C2H3O02 ), chlorates (CIO3 ), and perchlorates 
(ClO, ) are soluble. 


3) CI, Br, and I salts are soluble except in the presence of Ag*, Hg2**, or 
Pb**, with which they will form precipitates. 


4) Sulfates (SO,”) are soluble except in the presence of Ca**, Ba, Ag’, 
Hg2*", or Ph”. 


5) Hydroxides (OH ) are insoluble except with cations from rule 1 or in the 
presence of Ca**, Sr**, or Ba”. 


6) Sulfides (S*), sulfites (SO3*), phosphates (PO,*), and carbonates (CO3* ) 
are insoluble except with cations from rule 1. 
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COMPETENCY 17.0 UNDERSTAND QUANTUM MECHANICS. 


Skill 17.1 Identifying basic features of the quantum mechanical model of 
the atom 


Protons and neutrons each contain three quarks. A neutron consists of one up 
quark and two down quarks. A 
proton consists of two up 


quarks and one down quark. Up and Down 


Quarks 


Quarks are a fundamental eae 


constituent of matter according Econ 


to the current standard model , 4g ee Neutron 
; : Size < 10 ° m TR 

of particle physics, but cs A and 

individual quarks are not seen. S Proton 

Instead they are always o F eae Size ~ 10™ 


confined within other subatomic 
particles. There is no need to 
consider quarks when 
describing chemical 
interactions. Only electrons 
are involved in chemical 
reactions. The position and 
sizes of these particles ina 
helium atom is indicated in the 
diagram at right. A diagram 
like this one could never be POUL 

drawn to scale. If a proton sizes 107m 

were drawn 1 cm in diameter, the atom’s diameter would require a page about 1 
km long. 


Nucleus e 
Size x 10 4m 


Electrons are found outside the nucleus in a fuzzy area called the electron cloud. It 
is not possible to know exactly where any electron is but we do know the most 
probable place to find an electron with certain energy. This is an orbital or an energy 
level. 


When an electron is in its unexcited or ground state, there are seven energy levels. 
These seven energy levels match the seven periods (rows) of the Periodic Table. 
The valence, or outermost, electrons are found in the energy level that corresponds to 
the period number. Each energy level varies in the number of electrons it can 
hold. 
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Within each energy level, the 


f Energy level Maximum Number of 
electrons are arranged into 
: Electrons 
various sublevels called 
orbitals. The orbitals of the 
unexcited state atom include s, 1 2 
p, d, and f orbitals. Electrons fill 
these orbitals in a pre- 2 8 
determined pattern, starting 
with the lowest energy orbitals |3 18 
first. s orbitals are the lowest 
energy so they are filled first 
. . 4 32 
with a maximum of two 
electrons, followed by the p ; F 
orbitals. There are three 5 50, theoretical, not filled 
different p orbitals, each - - 
holding up to two electrons on |6 72, theoretical, not filled 
each energy level. There are 
five different d orbitals followed |7 98, theoretical, not filled 
by seven different f orbitals. 


Examples of the s, p, and d orbitals are shown below: 


1s 


Please see Skill 17.4 for an introduction to quantum numbers. 
Subshell energy levels 


In single-electron atoms (H, He*, and Li), subshells within a shell are all at the 
same energy level, and an orbital's energy level is only determined by n. 
However, in all other atoms, multiple electrons repel each other. Electrons in 
orbitals closer to the nucleus create a screening or shielding effect on electrons 
further away from the nucleus, preventing them from receiving the full attractive 
force of the nucleus. In multi-electron atoms, both n and / determine the 
energy level of an orbital. In the absence of a magnetic field, orbitals in the 
same subshell with different m, all have the same energy and are said to be 
degenerate orbitals. 
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The following list orders subshells by increasing energy level: 
1s < 2s < 2p < 3s < 3p < 4s < 3d < 4p < 5s < 4d < 5p < 6s < 4f <5d < 6p < 7s < 5f 
<... 


This list may be constructed by arranging the subshells according to n and / and 
drawing diagonal arrows as shown below 


1s 

2S, 2p 

3s, 3p. 3d 

As, 4p AAL, 4f 
5s, 5p Sd 5f< 5g 
6s 6p 66d Af 6g 
7s IR Ad Tf 1g 
8s 8p 8d 8f 8g 


See Skill 17.6 for further information on electron configuration. 


Skill 17.2 Recognizing the experimental evidence for the quantum 
mechanical model of the atom 


Fundamental units of matter called atoms and atoms of different types called 
elements were proposed by ancient philosophers without any evidence to 
support the belief. Modern atomic theory is credited to the work of John Dalton 
published in 1803-1807. Observations made by him and others about the 
composition, properties, and reactions of many compounds led him to develop 
the following postulates: 


e Each element is composed of small particles called atoms. 

e All atoms of a given element are identical in mass and other properties. 

e Atoms of different elements have different masses and differ in other 
properties. 

e Atoms of an element are not created, destroyed, or changed into a 
different type of atom by chemical reactions. 

e Compounds form when atoms of more than one element combine. 

e In a given compound, the relative number and kinds of atoms are 
constant. 


Dalton determined and published the known relative masses of a number of 
different atoms. He also formulated the law of partial pressures. Dalton's work 
focused on the ability of atoms to arrange themselves into molecules 
and to rearrange themselves via chemical reactions, but he did not 
investigate the composition of atoms themselves. Dalton's model 
of the atom was a tiny, indivisible, indestructible particle of a 
certain mass, size, and chemical behavior, but Dalton did not deny 
the possibility that atoms might have a substructure. 
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Joseph John Thomson, often known as J. J. Thomson, was the first 
to examine this substructure. In the mid-1800s, scientists had 
studied a form of radiation called "cathode rays" or "electrons" that 
originated from the negative electrode (cathode) when electrical 
current was forced through an evacuated tube. Thomson determined 
in 1897 that electrons have mass, and because many different cathode 
materials release electrons, Thomson proposed that the electron isa 
subatomic particle. Thomson's model of the atom was a uniformly positive 
particle with electrons contained in the interior. This has been called the "plum- 
pudding" model of the atom where the pudding represents the uniform sphere of 
positive electricity and the bits of plum represent electrons. For more on 


Thomson, see http://www.aip.org/history/electron/jjhome.htm. 


Max Planck determined in 1900 that energy is transferred by radiation in 
exact multiples of a discrete unit of energy called a quantum. Quanta of 
energy are extremely small, and may be found from the frequency of the 
radiation v, using the equation: 

AE = hv 


where h is Planck's constant and hv is a quantum of energy. 


Ernest Rutherford studied atomic structure in 1910-1911 by firing a beam of 
alpha particles at thin layers of gold leaf. According to Thomson's model, the 
path of an alpha particle should be deflected only slightly if it struck an _ pees 
atom, but Rutherford observed some alpha particles bouncing $ A 
almost backwards, suggesting that nearly all the mass of an atom ION | 
is contained in a small positively charged nucleus. EY J 
Rutherford's model of the atom was an analogy to the sun and the A 
planets - a small positively charged nucleus surrounded by circling j 
electrons and empty space. Rutherford's experiment is explained in greater 
detail in this flash animation: 
http:/Awww.mhhe.com/physsci/chemistry/essentialchemistry/flash/ruther14.swf. 


Niels Bohr incorporated Planck's quantum concept into Rutherford's model of 
the atom in 1913 to explain the discrete frequencies of radiation emitted and 
absorbed by atoms with one electron (H, He’, and Li**). This electron is 
attracted to the positive nucleus and is closest to the nucleus at the ground 


state of the atom. When the electron absorbs — 
energy, it moves into an orbit further from the {Oo — 
nucleus and the atom is said to be in an as 


electronically excited state. If sufficient energy is | | 

absorbed, the electron separates from the nucleus k 

entirely, and the atom is ionized: io 
H>H +e 


a 
(ON 


CHEMISTRY 201 


TEACHER CERTIFICATION STUDY GUIDE 


The energy required for ionization from the ground state is called the atom's 
ionization energy. The discrete frequencies of radiation emitted and absorbed 
by the atom correspond (using Planck's constant) to discrete energies and in turn 
to discrete distances from the nucleus. Bohr's model of the atom was a small 
positively charged nucleus surrounded mostly by empty space and by electrons 
orbiting at certain discrete distances ("shells") corresponding to discrete energy 
levels. Animations utilizing the Bohr model may be found at the following two 
URLs: 

http://artsci-ccwin.concordia.ca/facstaff/a—c/bird/c241/D1.html and 
http:/Awww.mhhe.com/physsci/chemistry/essentialchemistry/flash/linesp16.swf. 


Depending on the experiment, radiation appears to have rf 
wave-like or particle-like traits. In 1923-1924, Louis de / \ 
Broglie applied this wave/particle duality to all matter / 
with momentum. The discrete distances from the nucleus N / VA 
described by Bohr corresponded to permissible distances | \/ 9 \ / | 
where standing waves could exist. De Broglie's model of | \ W V] 
the atom described electrons as matter waves in \ /\ i /\} 
standing wave orbits around the nucleus. The first three 
standing waves corresponding to the first three discrete \ 
distances are shown in the figure to the above. De 

Broglie's model may be found here: 


http://artsci-ccwin.concordia.ca/facstaff/a-c/bird/c241/D1- 
part2.html. 


The realization that both matter and radiation interact as waves led Werner 
Heisenberg to the conclusion in 1927 that the act of observation and 
measurement requires the interaction of one wave with another. This interaction 
results in an inherent uncertainty in the location and momentum of the particles 
observed. This limitation in the measurement of phenomena at the subatomic 
level is known as the Heisenberg uncertainty principle, and it applies to the 
location and momentum of electrons in an atom. A discussion of this principle 
and Heisenberg's other contributions to quantum theory is located here: 
http://www.aip.org/history/heisenberg/. 


When Erwin Schrödinger studied the atom in 1925, he replaced the idea of 
precise orbits with regions in space called orbitals where electrons were likely to 
be found. The Schrödinger equation describes the probability that an electron 
will be in a given region of space, a quantity known as electron density or ¥”. 
The diagrams below are surfaces of constant ¥* found by solving the 
Schrödinger equation for the hydrogen atom 1s, 2p, and 3d) orbitals. Additional 
representations of solutions may be found here: 
http://library.wolfram.com/webMathematica/Physics/Hydrogen.jsp. 
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Schrédinger's model of the atom is a mathematical formulation of quantum 
mechanics that describes the electron density of orbitals. It is the atomic model 
that has been in use from shortly after it was introduced up until the present. 


Skill 17.3 Analyzing the relationships among electron energy levels, 
photons, and atomic spectra 


The quantum structure of the atom describes electrons in discrete energy levels 
surrounding the nucleus. When an electron moves from a high energy orbital to 
a lower energy orbital, a quantum of electromagnetic radiation is emitted, and for 
an electron to move from a low energy to a higher energy level, a quantum of 
radiation must be absorbed. The particle that carries this electromagnetic force 
is called a photon. The quantum structure of the atom predicts that only photons 
corresponding to certain wavelengths of light will be emitted or absorbed by each 
atom. These distinct wavelengths are measured by atomic spectroscopy. 


In atomic absorption spectroscopy, a continuous spectrum (light consisting of 
all wavelengths) is passed through the element. The frequencies of absorbed 
photons are then determined as the electrons increase in energy. An 
absorption spectrum in the visible region usually appears as a rainbow of color 
stretching from red to violet interrupted by a few black lines corresponding to 
distinct wavelengths of absorption. 


In atomic emission spectroscopy, the electrons of an element are excited by 
heating or by an electric discharge. The frequencies of emitted photons are then 
determined as the electrons release energy. 


An emission spectrum in the visible region typically consists of lines of light at 
certain colors corresponding to distinct wavelengths of emission. The bands of 
emitted or absorbed light at these wavelengths are called spectral lines. Each 
element has a unique line spectrum. Light from a star (including the sun) may 
be analyzed to determine what elements are present. 


The energy of an electron (Ep) is inversely proportional to its radius from the 


nucleus. For a hydrogen atom, the principle quantum number determines the 
energy of an electron using the Rydberg constant (R4 = 2.18x10"® J): 
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The Rydberg constant is used to determine the energy of a photon emitted or 
absorbed by an electron transition from one shell to another in the H atom: 


se =k, |->- - 


initial n final 


When a photon is absorbed, Neéina is greater than Ninitia, resulting in positive values 
corresponding to an endothermic process. lonization occurs when sufficient 
energy is added for the atom to lose its electron from the ground state. This 
corresponds to an electron transition from Ninitiat = 1 tO Nfinai > œ. The Rydberg 
constant is the energy required to ionize one atom of hydrogen. Photon emission 
causes negative values corresponding to an exothermic process because Ninitiay iS 
greater than Nfina. 


Planck’s constant and the speed of light are often used to express the Rydberg 
constant in units of s* or length. The formulas below determine the photon 
frequency or wavelength corresponding to a given electron transition: 


V photon = (2: ) = = : and Ahaton = : 
h n initial n final Ẹ H ) 1 1 
2 2 
h C n initial n final 


These formulas relate observed lines in the 
hydrogen spectrum to individual transitions from 
one quantum state to another. 


Electron transitions in 
the hydrogen atom 


a 


Every line in the hydrogen spectrum corresponds to a 
transition between electron energy levels. Spectral 
lines from hydrogen emission spectroscopy are 
shown at right and in the table below. Please see 
Skill 17.7 for additional information on atomic 
spectra. 


in the diagram to the right. The energy transitions 
producing the four visible spectral lines are colored 


grey. 
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Most lines in the hydrogen 
spectrum are not at visible 


wavelengths. Larger energy 
transitions produce ultraviolet 


radiation and smaller energy 


transitions produce infrared or 
longer wavelengths of radiation. 


Transitions between the first 
three and the first six energy 
levels of the hydrogen atom are 


shown 
Radiation | Wavelength Frequency Energy change oe 
type A (nm v (S AE (J 
di EAM) (s) 0) Ninitiai >N final 
Ultraviolet < 397 szosa | <-s00a07 | 7? anea 
œo — 2,... 7—2 
Purple 411 7.31x10 | —4.84x10™ 62 
Blue 434 6.90x10"* | -4.58x107*° 532 
Green 486 6.17x10"* | -4.09x10%? 42 
Orange-red 656 4.57x10“ | -3.03x107? 32 
Infrared and 14 -19 aE oc aa 
> 821 < 3.65x10 > —2.42x10 


beyond 


o>4,...554 


The photoelectric effect occurs when light shining on a clean metal surface 
causes the surface to emit electrons towards a region of the metal kept in the 
dark. The energy of each absorbed photon is transferred to an electron as 
shown to the right. If this energy is greater than the binding energy holding the 
electron close to nearby nuclei then the electron will move. A high energy (high 
frequency, low wavelength) photon will not only dislodge an electron from the 
“electron sea” of a metal, but it will also impart kinetic energy to the electron, 
making it move rapidly. These electrons in motion will produce an electric current 
if a circuit is present. Solar cells use this effect to produce electricity from 
sunlight. For every metal there is a minimum frequency required for the 
photoelectric effect to occur. 
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A large number of low-energy photons will not cause the photoelectric 
effect because each photon does not impart sufficient energy to overcome 
binding energy. Instead of setting the electron in motion, the electron simply 
emits another photon. Non-quantum classical theories predicted that an 
electron could slowly build up energy from low-energy photon absorptions 
and eventually accumulate enough energy to free itself from nearby nuclei, but 
this is not observed. The quantum structure of the atom predicts that the energy 
from a photon absorption event will not be stored by the electron in an 
intermediate energy state. Quantum events are “all or nothing,” and this is 
what is observed by photoelectric effect experiments. 


Skill 17.4 | Demonstrating a basic understanding of quantum numbers 


The quantum-mechanical solutions from the Schrödinger Equation utilize three 
quantum numbers (n, /, and m) to describe an orbital and a fourth (ms) to 
describe an electron in an orbital. This model is useful for understanding the 
frequencies of radiation emitted and absorbed by atoms and chemical properties 
of atoms. 


The principal quantum number n may have positive integer values (1, 2, 3, ...). 
n is a measure of the distance of an orbital from the nucleus, and orbitals with 
the same value of n are said to be in the same shell. This is analogous to the 
Bohr model of the atom. Each shell may contain up to 2n? electrons. The 
highest quantum number n that any shell of an element has is the same as the 
number of the row of the periodic table in which the element is found. 


The azimuthal quantum number / may have integer values from 0 to n-1. / 
describes the angular momentum of an orbital. This determines the orbital's 
shape. Orbitals with the same value of n and / are in the same subshell, and 
each subshell may contain up to 4/ + 2 electrons. Subshells are usually referred 
to by the principle quantum number followed by a letter corresponding to / as 
shown in the following table: 


Azimuthal quantum number/]0|1|2/,3/4 
Subshell designation s|pidif ig 


Therefore, s subshells may have 4 x 0 + 2 = 2 electrons, and p subshells may 
have 4 x 1 + 2 = 6 electrons. Helium is in the first row of the periodic table, and 
has only a single s subshell with two electrons. This subshell would be notated 
as 1s. 
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The magnetic quantum number m; or m may have integer values from -l to I. 
mis a measure of how an individual orbital responds to an external magnetic 
field, and it often describes an orbital's orientation. In any given shell, there is 
only one s orbital with an m value of O. If p orbitals are present in a shell there will 
always be 3 p orbitals with values of -1, 0, and 1 (usually referred to as x, y, and 
z to denote 3-dimensional orientation). A subscript—either the value of m; ora 
function of the x-, y-, and z-axes—is used to designate a specific orbital within a 
subshell. For example, n= 3, /= 2, and m;= 0 would be shown as the 3d) 
orbital. Each orbital may hold up to two electrons. 


The spin quantum number m, or s has one of two possible values: —1/2 or 
+1/2. m; differentiates between the two possible electrons occupying an orbital. 
Electrons moving through a magnet behave as if they were tiny magnets 
themselves spinning on their axes in either a clockwise or counterclockwise 
direction. These two spins may be described as ms = —1/2 and +1/2 or as down 
and up. 


The Pauli exclusion principle states that no two electrons in an atom may 
have the same set of four quantum numbers. 
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The following table summarizes the relationship among n, /, and m; through n=3: 


Orbitals in | Maximum number of 
me SUBSE my subshell electrons in subshell 
110 
2/0 

1 
3/0 
1 
2 


Skill 17.5 Describing atomic orbitals 


The electron configurations of isolated atoms are found in atomic orbitals; the 
configurations of atoms about to bond are represented by atomic and hybridized 
atomic orbitals; and the electron configurations of molecules are 
represented by molecular orbitals. Molecular orbital theory is an advanced 
topic, but it may be simplified to representing the bonds between atoms as 
overlapping electron density shapes from atomic orbitals. There are two 
typical locations for molecular orbitals. 


The bonding sigma orbital (o) surrounds a line drawn ts! 1s? 
between the two atoms in a bond. At least one electron pair 

in every bond is in a bonding o orbital. Sigma bonds get their 

name from s orbitals because the spherical electron density 

shapes of two s orbitals overlap to form a o orbital. A drawing 


of this overlap and the resulting molecular orbital is shown to 
the right for H2. Hybrid or p atomic orbitals also form a o 
orbital when they overlap such that the axis between the Ois 


bonded atoms runs through the center of the combined 
electron density. 


The bonding pi orbital (77) follows regions separate from a line drawn 
between the two atoms in a bond. Two overlapping p orbitals will form 77 
bonds to contain the additional shared electrons in molecules with double or 
triple bonds. 7 bonds prevent atoms from rotating about the central axis 
between them. 


In CH,, the electron density of the four sp? orbitals of C each overlap with an s 
orbital of H to form four ø bonds. In C2H, (an alkene), two sp” orbitals on each 
C overlap with H s orbitals , the remaining sp? orbitals overlap with each other in 
ao bond, and the p orbitals (drawn as shaded shapes) overlap with each other 
above and beneath the carbon atoms in a 77 bond (also drawn as shaded 
shapes). In COz, the C atom has two sp hybrid orbitals and two p orbitals. 
These form one o bond and one 77 bond with the two unfilled p orbitals on each 
O atom. In C2H2 (an alkyne), a triple bond forms with one o and two 77 bonds. 
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CH, C2H4 CO2 CoH» 
Molecules with double bonds next to each other and aromatic molecules based 
on benzene contain more than two rr orbitals on adjacent atoms. The bonds, 
as well as the entire molecules, are described as being conjugated. Electrons in 
these molecules are free to move from one bond to the next on the same 
molecule and so are delocalized. In 0014, we saw electron delocalization 
extending throughout the entire substance in materials with metallic bonds. 


Benzene (CgH.e) has the following resonance forms: 


HC — CH HC == CH 
P My mye = 

7 \ 7 

HC——CH HC—CH 


Each carbon atom in benzene bonds to three atoms, so their electrons are in 
three sp* orbitals and one p orbital as we've seen for C2H4. The p orbitals are 
shown as the shaded shapes below on the left (only the C-C bonds are shown). 
The p atomic orbitals combine to form molecular orbitals with delocalized 
electrons as shown in the bonding 77 molecular orbital below to the right. 
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Aromatic molecules are often drawn with a circle in the center of their benzene 
rings (Shown to the left) to show delocalized 77 electrons. The atoms of a 
benzene molecule are all located in the same plane. This is in contrast to 
molecules that contain only o bonds as shown to the right for cyclohexane, 
CgH >. 


Molecular orbital theory also predicts antibonding orbitals that prevent 
bonding because they are at a higher energy level than the electrons on 
individual atoms. Antibonding electrons play a role in explaining why molecules 
like H2 form while molecules like Hez do not, but they are not required to predict 
molecular structures. For more on this aspect of molecular orbital theory, see 
http:/Awww.chem.ufl.edu/~chm2040/Notes/Chapter_12/theory.html 


Skill 17.6 Predicting the electron configurations of neutral atoms and 
ions of given elements 


Electron arrangements (also called electron shell structures) in an atom may be 
represented using three methods: an electron configuration, an orbital 
diagram, or an energy level diagram. All three methods require knowledge of 
the subshells occupied by electrons in a certain atom. The Aufbau principle or 
building-up rule states that electrons at ground state fill orbitals starting at 
the lowest available energy levels. 


An electron configuration is a list of subshells with superscripts representing 
the number of electrons in each subshell. For example, an atom of boron has 5 
electrons. According to the Aufbau principle, two will fill the 1s subshell, two will 
fill the higher energy 2s subshell, and one will occupy the 2p subshell which has 
an even higher energy. The electron configuration of boron is 1s*2s*2p’. 
Similarly, the electron configuration of a vanadium atom with 23 electrons is: 


1s*2s72p°3s°3p°4s73d°. 
Configurations are also written with their principle quantum numbers together: 
1s°2s*2p°3s73p°3a"4s". 


Electron configurations are often written to emphasize the outermost electrons. 
This is done by writing the symbol in brackets for the element with a full p 
subshell from the previous shell and adding the outer electron configuration 
onto that configuration. The element with the last full p subshell will always be a 
noble gas from the right-most column of the periodic table. For the vanadium 
example, the element with the last full p subshell has the configuration 
1s°2s*2p°3s73p°. This is ısAr. The configuration of vanadium may then be 
written as [Ar]4s°3d? where 4s°3d? is the outer electron configuration. 
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Electron arrangements may also be written by noting the number of electrons in 
each shell. For vanadium, this would be: 


2, 8, 11, 2. 


Orbital diagrams assign electrons to individual orbitals so the energy state 
of individual electrons may be found. This requires knowledge of how electrons 
occupy orbitals within a subshell. Hund's rule states that before any two 
electrons occupy the same orbital, other orbitals in that subshell must first 
contain one electron each with parallel spins. Electrons with up and down 
spins are shown by half-arrows, and these are placed in lines of orbitals 
(represented as boxes or dashes) according to Hund's rule, the Aufbau principle, 
and the Pauli exclusion principle. Below is the orbital diagram for vanadium: 


MEE 


1s 


An energy level diagram is an orbital diagram that shows subshells with higher 
energy levels higher up on the page. The energy level diagram of vanadium is: 


iI aia 


ENERGY 
= 
= 

S 


1s 
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Valence shell electron arrangements and the periodic table 


Electrons in the outermost shell are called valence shell electrons. For 
example, the electron configuration of Se is [Ar]4s*3d"°4p*, and its valence shell 
electron configuration is 4s*4p’. 


The periodic table may be used to write down the electron configuration of any 
element. The table may be divided up into blocks corresponding to the 
subshell designation of the most recent orbital to be filled by the building-up rule. 
Elements in the s- and p-blocks are known as main-group elements. The d- 
block elements are called transition metals. The f-block elements are called 
inner transition metals. 


The maximum number of electrons in each subshell (2, 6, 10, or 14) determines 
the number of elements in each block, and the order of energy levels for 
subshells creates the pattern of blocks. These blocks also usually correspond to 
the value of / for the outermost electron of the atom. This has important 
consequences for the physical and chemical properties of the elements. The 
outermost shell or valence shell principle quantum number (for example, 4 for 
Se) is also the period number for the element in the table. 


Atoms in the d- and f-blocks often have unexpected electron arrangements that 
cannot be explained using simple rules. Some heavy atoms have unknown 
electron configurations because the number of different frequencies of radiation 
emitted and absorbed by these atoms is very large. 
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http://www.cowtownproductions.com/cowtown/genchem/08 07T1.htm contains a 


brief tutorial on energy level diagrams. 


http://www.colorado.edu/physics/2000/applets/a2.html contains (among other 
things) energy level diagrams and animations of electron shells and nuclei. 


http://intro.chem.okstate.edu/WorkshopFolder/Electronconfnew.html animates 
the building up of energy level diagrams. 


Skill 17.7 Relating photon energy to the wavelength and frequency of 


light 


A simple optical spectroscope separates visible light into distinct wavelengths by 
passing the light through a prism or diffraction grating. When electrons in 
hydrogen gas are excited inside a discharge tube, the emission spectroscope 
shown below detects photons at four visible wavelengths. 


Slit 


High 
voltage 


Gas 
discharge 
tube 


Quantum Radius 
# 
n>o ro 


n=5 — r, =25a, 


n=4 —r,=16a, 


(H nucleus) 
CHEMISTRY 


Visible spectral 


Prism 


Detector 


lines for hydrogen | Wavelength A 
Purple 411 nm 
Blue 434 nm 
Green 486 nm 
Orange- red 656 nm 


An electron may exist at distinct radial distances (r,) 
from the nucleus. These distances are proportional to 
the square of the principal quantum number, n. Fora 
hydrogen atom (shown at left), the proportionality 
constant is called the Bohr radius (a = 5.29x10% m). 
This value is the mean distance of an electron from the 
nucleus at the ground state of n= 1. The distances of 


other electron shells are found by the formula: 


= 2 
r, =an 


As Nn > œ, the electron is no longer part of the hydrogen 
atom. lonization occurs and the atom becomes an H* 


ion. 
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Photon wavelength (A) in meters and frequency (v) in reciprocal seconds are 
inversely proportional to each other. The proportionality constant between them 
is the speed of light (c = 3.00x10° m/s): 


Iet and v= > 
v A 
A quantum of energy (AE) emitted from or absorbed by an electron transition is 


directly proportional to the frequency of radiation. The proportionality constant 
between them is Planck’s constant (h = 6.63x10™* J-s): 


AE =hv and ag = 72 


Visible wavelengths stretch from about 400 to 700 nm, and occupy only a small 
portion of the electromagnetic spectrum describing all possible types of 
electromagnetic radiation. 
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COMPETENCY 18.0 UNDERSTAND THE BASIC PRINCIPLES AND 
METHODS OF SPECTROSCOPY. 


Skill 18.1 Includes demonstrating knowledge of the basic principles 
used in spectroscopy, limited to UV, visible, infrared, and 
mass spectroscopy 


Please review the information in Skills 17.3 and 17.7 for information on the 
atomic basis of spectroscopy. 


The fastest and surest way to analyze the properties of compounds is through 
spectroscopy. Spectroscopy studies matter by analyzing the light, sound, 
or particles that are emitted, absorbed, or scattered by a sample. The results 
of spectroscopy must be carefully interpreted, but give much information about 
the elements and bonding structures in a molecule. The main types of 
spectroscopy are: 


Absorption spectroscopy technologies use particular parts of the 
electromagnetic (EM) spectra. The sample’s absorption of the EM waves reveals 
its molecular make-up. Examples of this type include atomic absorption 
spectroscopy, ultraviolet/visible absorption spectroscopy, and infrared 
spectroscopy. 


Emission spectroscopy also utilizes the range of EM spectra, but the sample’s 
emission of EM waves, rather than its absorption is studied. Typically, the 
sample is allowed to absorb energy and then the resulting emissions are studied. 
This type of spectroscopy includes plasma emission spectroscopy, atomic 
emission spectroscopy, and fluorescence spectroscopy. 


Scattering spectroscopy measures the light that a sample scatters at a certain 
wavelength, incident angle, or polarization angle. This technique is somewhat 
similar to emission spectroscopy, but scattering occurs much more quickly than 
the absorption/emission process. Raman spectroscopy is the most useful 
example of this type. 


Skill 18.2 Recognizing the kind of information that can be determined 
using spectroscopic analysis 


Since the molecular composition of materials is not apparent to the naked eye, 
more sophisticated, indirect techniques are required to determine the structure of 
a material at a microscopic level. Spectroscopy, in a manner analogous to 
human vision, uses a beam of particles to illuminate a sample of the material. A 
machine “eye” then “sees” the scattered or transmitted particles and uses the 
characteristics of these particles to determine the chemical structure and 
composition of the sample. The particular type of spectroscopy that a chemist 
might use depends, in part, on the atomic or molecular characteristics that are 
assumed to be relevant to the sample. 
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Spectroscopic analysis may involve irradiation (illumination) with photons (light), 
particles of matter (Such as electrons) or phonons (vibrational modes). The 
material under analysis may transmit, reflect or absorb these particles. In the 
case of absorption, re-emission of the same particle or a different particle or 
number of particles may take place. Also, in the case of photons, for example, 
the wavelength of the emitted particle may be different than the absorbed 
particle. Fluorescence spectroscopy is a particular example that involves the 
investigation of samples for which the emitted of particles have a different 
wavelength than that of the incident particles. 


Quantum mechanical basis of spectroscopy 


Currently, quantum mechanics provides the most complete theoretical 
understanding of spectroscopy and the information that spectroscopic analysis 
yields. Quantum theory predicts a discrete set of energy levels for particles, and, 
therefore, the reflection, transmission and absorption characteristics of a sample 
can be compared to the characteristics of known materials over a spectrum of 
wavelengths, thus providing a means of identification of a sample. Since 
spectroscopy could, conceivably, cover a vast number of methods of analysis, 
the particular kinds of information that can be acquired through the use of 
spectroscopic analysis is best illustrated by way of several examples. 


Astronomical spectroscopy 


The use of so-called astronomical spectroscopy yields data related to the 
composition of celestial objects. Since different materials have different emission 
spectra, a comparison of the light (or other particles) emitted from stars, nebulae 
or galaxies, for example, with the light emitted from known materials provides a 
basis for determining the atomic or chemical make-up of these objects. In this 
case, no illuminating beam is required; this form of spectroscopy is, in this sense, 
passive. 


NMR spectroscopy 


Nuclear magnetic resonance (NMR) spectroscopy is a powerful and widely used 
tool for the examination of samples for chemical or atomic composition and, to 
some extent, for the relative amounts of the component substances. If a 
particular nucleus has a spin, then it has a magnetic moment that is subject to a 
torque if an external magnetic field is applied. Depending on the frequency of the 
applied field, certain nuclei or functional groups will resonate, thus yielding a 
signal spectrum that can be compared with the spectra of known substances. 
Additionally, NMR spectroscopy can be used to determine the chemical 
dynamics of a sample, such as a protein. 


CHEMISTRY 216 


TEACHER CERTIFICATION STUDY GUIDE 


Infrared spectroscopy 


Photons in the infrared region of the spectrum can be used to illuminate a 
particular substance, thus yielding, as with other spectroscopic techniques, 
information about the composition of the sample. A material with a certain 
composition will absorb certain frequencies of infrared radiation, converting the 
energy of the photons into vibrational modes in the electronic bonds. The 
absorption spectrum can be compared to that of known materials to determine 
the composition of the sample. 


Other forms of spectroscopy 


Various other types of spectroscopy, such as acoustic spectroscopy and 
fluorescence spectroscopy, can also be employed for analysis of a sample. Since 
the characteristics of different materials vary in different respects and over 
different frequency ranges, a complete analysis of a sample may require the use 
of a number of spectroscopic (or other) techniques. Also, because information is 
available regarding the characteristics of various materials, it is not always 
necessary to understand the quantum mechanical theory behind spectroscopy in 
order to effectively use the equipment. To understand the fundamental operation 
of the equipment, however, a thorough knowledge of quantum theory is 
necessary. 


Skill 18.3 Identifying everyday applications of spectroscopy. 
Medicine 


Medicine uses X-rays as a diagnostic tool and radioisotopes for diagnostic 
radiology and for radiotherapy. In diagnostic radiology, a radioisotope is 
introduced into the body and its location is monitored with a gamma camera or 
other imaging equipment. Different isotopes are localized to different tissues 
at specific rates. Abnormalities in internal organs and bone structure and 
function are found using these techniques. The isotopes typically emit only 
gamma rays because alpha and beta radiation are more likely to harm the 
patient. Technetium-99m is a commonly used isotope for diagnostic 
radiology. Many radioisotopes are used in diagnostic medicine outside the body 
for blood tests. 
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Radiotherapy uses radiation as part of cancer treatment to destroy tumors. 
Rapidly growing tumors are more vulnerable to radiation damage from B 

particles than non-malignant tissue. Radiotherapy works by damaging the DNA 
of these cells. The radioactive source may be outside the body (external 
radiotherapy) or introduced into the body. Isotopes used for internal radiotherapy 
may be injected into the body as a liquid or introduced temporarily through a 
catheter in a sealed container. 


Cobalt-60 was a common isotope for external radiotherapy, but it has mostly 
been replaced by linear accelerators that provide high-energy electrons (B 
particles) without a dangerous isotope source. It is still used for food irradiation. 
lodine-131 is used to combat diseases of the thyroid and of several types of 
cancer. A list of isotopes used in nuclear medicine may be found at 


http:/Awww.cbvcp.com/nmrc/mia.html. 

Archeology 

Archeology uses nuclear chemistry for radiometric dating. The most commonly 
used nuclide for this technique is Carbon-14. C-14 is mostly synthesized in the 


upper atmosphere where extraterrestrial radiation interacts with other molecules 
to produce neutrons used in the reaction: 


J 14 14 1 
aN + „N> gC +H. 


Carbon-14 then decays by O-emission with a half-life of 5730 years: 


14 14 0 
C> oe es 


ae is distributed uniformly throughout the atmosphere, oceans, and living 


organisms because these entities all rapidly exchange carbon dioxide with one 
other. Carbon-14 is present in these systems at a ratio of about 1 atom per trillion 
(10°) atoms of non-radioactive carbon. However, after an organism dies, it no 
longer exchanges CO, with the atmosphere and its carbon-14 begins to decay 
with no replenishment. The time that has passed since biological material in 
plant fibers, wood, or bones was once alive may be estimated by comparing the 


fraction of pe present in the dead material to the fraction in living material. 


[C \ where C => concentration in sample 


| n sample sample 
a | living C nitian = CONCEntration in living material 
E al. 1) t => estimated time before present 
\2) tne => half-life (5730 years for “C) 


CHEMISTRY 218 


TEACHER CERTIFICATION STUDY GUIDE 


COMPETENCY 19.0 UNDERSTAND THE STRUCTURE AND 
NOMENCLATURE OF ORGANIC COMPOUNDS. 


Skill 19.1 Classifying hydrocarbons (e.g., alkane, aromatic) based on the 
type of carbon-carbon bonds 


Nomenclature for Organic Chemistry. 


Organic compounds that contain only carbon and hydrogen are called 
hydrocarbons. Hydrocarbon molecules may be divided into the classes of 
cyclic and open-chain depending on whether they contain a ring of carbon 
atoms. Open-chain molecules may be divided into branched or straight-chain 
categories. 


Hydrocarbons are also divided into classes called aliphatic and aromatic. 
Aromatic hydrocarbons are related to benzene and are always cyclic. Aliphatic 
hydrocarbons may be open-chain or cyclic. Aliphatic cyclic hydrocarbons are 
called alicyclic. Aliphatic hydrocarbons are one of three types: alkanes, 
alkenes, and alkynes. 


Alkanes 


Alkanes contain only single bonds. Alkanes have the maximum number of 
hydrogen atoms possible for their carbon backbone, so they are called 
saturated. 


Straight-chain alkanes are also called normal alkanes. These are the simplest 
hydrocarbons. They consist of a linear chain of carbon atoms. The names of 
these molecules contain the suffix -ane and a root based on the number of 
carbons in the chain according to the table on the following page. The first four 
roots, meth-, eth-, prop-, and but- have historical origins in chemistry, and the 
remaining alkanes contain common Greek number prefixes. Alkanes have the 
general formula CnH2n+2. 


A single molecule may be represented in multiple ways. Methane and ethane in 
the table are shown as three-dimensional structures with dashed wedge shapes 
attaching atoms behind the page and thick wedge shapes attaching atoms in 
front of the page. 
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Number of carbons | Name | Formula Structure 
H 
1 Methane CH3 Y 
He NG 
H 
HN ye 
2 Ethane C2H6 “C—C, 
H Ky 
H 
H2 
3 Propane | C3Hg O T 
3 
H2 
4 Butane | C4H0 T es 
H2 
H2 H2 
C C 
5 Pentane | Cs5H12 Hac "ee Xch, 
2 
H2 H2 
6 Hexane CeHi4 ges ee ees 
H2 H2 
e see 
7 Heptane | C7Hi¢ Hac Nc” Ne Xch; 
H2 H2 
H2 H2 H2 
8 Octane | CsHis na aaa ee 
3 
H2 H2 H2 
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Additional ways that pentane might be represented are: 


n- pentane (the n represents a normal alkane) 
CH3CH2CH2CH2CH3 
CH3(CH2),CH3 


ye a N 


TL ale oe 
ere ae a 
H H H H 


E= (0I 
E 


If one hydrogen is removed from an alkane, the residue is called an alkyl group. 
The -ane suffix is replaced by an -yl- infix when this residue is used as a 
functional group. Functional groups are used to systematically build up the 
names of organic molecules. 


Branched alkanes are named using a four-step process: 


1) Find the longest continuous carbon chain. This is the parent hydrocarbon. 

2) Number the atoms on this chain beginning at the end near the first branch 
point. Number functional groups from the attachment point. 

3) Determine the numbered locations and names of the substituted alkyl 
groups. Use di-, tri-, and similar prefixes for alkyl groups represented more 
than once. Separate numbers by commas and groups by dashes. 

4) List the locations and names of alkyl groups in alphabetical order by their 
name (ignoring the di-, tri- prefixes) and end the name with the parent 
hydrocarbon. 


Example: Name the following hydrocarbon: 


CH2 
HC —CH 
\ 
CH— CH3 
H2C— CH CH3 
/ 
H3C HC — CH3 


Solution: 


1) The longest chain is seven carbons in length, as shown by the bold lines 
below. This molecule is a heptane. 
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2) The atoms are numbered from the end nearest the first branch as shown: 


1 
T° 
H,C—CH 
\ 
CH— CH3 
4 43 7 
HC — CH CH3 
/ oN 
H3C H5C == CH> 
5 6 


3) Methyl groups are located at carbons 2 and 3 (2,3-dimethyl), and an ethyl 
group is located at carbon 4. 


4) "Ethyl" precedes "methyl" alphabetically. The hydrocarbon name is: 
4-ethyl-2,3-dimethylheptane. 


The following branched alkanes have accepted common names: 


Systematic name | Common name 


Structure 


CH— CH3 2-methylpropane isobutane 
/ 
H3C 
it 
2-methylbutane isopentane 
C CH3 
H2 
CH3 


H3C —C— CH; 


CH3 


2,2-dimethylpropane | neopentane 
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The following alkyl groups have accepted common names. The systematic 
names assign a number of 1 to the attachment point: 


Systematic name | Common name 
T 1-methylethyl isopropyl 
H3C 
\ 
CH— CH2 2-methylpropyl isobutyl 
/ 
H3C 
H2 
C CH3 
He” eH 1-methylpropyl sec-butyl 
i 
HC — C— CH3 1,1-dimethylethyl tert-butyl 


Alkenes 


Alkenes contain one or more double bonds. Alkenes, alkynes, and aromatics 
are unsaturated because they have fewer hydrogen atoms.Alkenes are also 
called olefins. The suffix used in the naming of alkenes is -ene, and the number 
roots are those used for alkanes of the same length. 


A number preceding the name shows the location of the double bond for alkenes 
of length four and above. Alkenes with one double bond have the general 
formula C,H2,. Multiple double bonds are named using -diene, -triene, etc. The 
infix —enyl- is used for functional groups after a hydrogen is removed from an 
alkene. Ethene and propene have the common names ethylene and propylene. 
The ethenyl group has the common name vinyl and the 2-propenyl group has 
the common name allyl. 
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Examples: 
H,C==—CH 
H2C==CH; ethylene or ethene x vinyl or ethenyl 
group 
H Hoc = 
AEN propylene or propene i N allyl or 2-propenyl 
HC CH3 Ñ group 
dé. ck cH 
2-hexene Hac See oe i 
2 


HC—C 2-methyl- 1,3-butadiene 
F (common name: isoprene) 
2 


Note that isoprene contains two adjacent double bonds, so it is a conjugated 
molecule. 


Alkynes and alkenynes 


Alkynes contain one or more triple bonds. They are named in a similar way 
to alkenes. The suffix used for alkynes is -yne. Ethyne is often called acetylene. 
Alkynes with one triple bond have the general formula C,H2,-2. Multiple triple 
bonds are named using -diyne, -triyne, etc. The infix —ynyl- is used for functional 
groups composed of alkynes after the removal of a hydrogen atom. 


Hydrocarbons with both double and triple bonds are known as alkenynes. 
The locant number for the double bond precedes the name, and the locant for 
the triple bond follows the infix —en- and precedes the suffix -yne. 


Examples: HC=CH acetylene or ethyne 


CH3 


/ 1-but 
HC==c—CcH, a 


HC==C—C==C—CH3 _ 1,3-pentadiyne 


He : 
X - 4-hexynyl group 
HC mar ine 
H2 Hə  1-buten- 3-yne 
HC =—— C= CH 
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Cycloalkanes, -enes, and -ynes 


Alicyclic hydrocarbons use the prefix cyclo- before the number root for the 
molecule. The structures for these molecules are often written as if the molecule 
lay entirely within the plane of the paper even though in reality, these rings dip 
above and below a single plane. When there is more than one substitution on 
the ring, numbering begins with the first substitution listed in alphabetical order. 


H2 
C 
Examples: HC —- CH, cyclopropane 
H»C—CH> or H H 
/ 
/ a ae 
H—C~ 
C | H 
methylcyclohexane Af ~C aC l 
H | H | 
H 
H 
H2 
H H 
C N Z 
i Op He TONG r 
or zg “IC ae 
7 
He ZH i NA 
H . H 
1,3-cyclohexadiene 
H2 
eau NS 
Coch / 
yrs ee CH: 
H3C a 1-ethyl-3-propylcyclobutane 
2 
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Aromatic hydrocarbons 


Aromatic hydrocarbons are structurally related to benzene or made up of 
benzene molecules fused together. These molecules are called arenes to 
distinguish them from alkanes, alkenes, and alkynes. All atoms in arenes lie in 
the same plane. In other words, aromatic hydrocarbons are flat. Aromatic 
molecules have electrons in delocalized tr orbitals that are free to migrate 
throughout the molecule. 


Substitutions onto the benzene ring are named in alphabetical order using the 
lowest possible locant numbers. The prefix phenyl- may be used for CgHs- 
(benzene less a hydrogen) attached as a functional group to a larger 
hydrocarbon residue. Arenes in general form aryl functional groups. A phenyl 
group may be represented in a structure by the symbol Ø. The prefix benzyl- may 
used for CgHsCH2- (methylbenzene with a hydrogen removed from the methyl 
group) attached as a functional group. 


i H 
E C 
Ho CH HC NcH 
Examples: | || ar | | ae 
ESE UH HON CH 
pi H 
CH3 
HC— \ ys 
“x | 2-isopropyl-1,4-dimethylobenzene 
C—CH CH3 
H3C 


H2 H2 í 


ae Se eee 3-phenyloctane or 
i H2 H2 M2 (1-ethylhexyl)benzene 


The most often used common names for aromatic hydrocarbons are listed in the 


table below. Naphthalene is the simplest molecule formed by fused benzene 
rings. 
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Structure Systematic name Common name 


HC C—CH3 methylbenzene toluene 
/ 
HC—CH 
HC——CH 
HC a ortho-xylene 
Y 1,2-dimethylbenzene or 
HC—C 
o-xylene 
CH3 
HC——CH 
HC eee meta-xylene 
Y 1,3-dimethylbenzene or 
C— CH 
m-xylene 
H3C 
HOCH para-xylene 
HC — C | 1,4-dimethylbenzene or 
HC CH p-xylene 
HC— CH CHo 
E 
HC C—CH ethenylbenzene styrene 
HC—CH 
eu ute 
HCH Sc cH 
| | | naphthalene 
C 
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Skill 19.2 Identifying the main families of organic compounds by means 
of their functional groups 


Many organic molecules contain functional groups, which are groups of atoms of 


a particular arrangement that give the entire molecule certain go 
characteristics. Functional groups are named according to the m Pa 
composition of the group. For example, the carboxyl group shown at OH 


right is the arrangement of -COOH atoms that gives a molecule 
acidic properties. 


Some functional groups are polar and can ionize. For example, the hydrogen 
atom in the -COOH group can be removed (providing H* ions in solution). When 
this occurs, the oxygen atom retains both the electrons it shared with the 
hydrogen atom and this gives the molecule a negative charge: 


=E — -=C + Ht 
X 
OH oO 
If polar or ionizing functional groups are attached to hydrophobic molecules, the 
molecule may become hydrophilic due to the functional group. Some ionizing 


functional groups are: -COOH, —OH, —CO, and —NHz. 


Some common functional groups are described below. 


Hydroxyl group 


The hydroxyl group, —OH, is the functional group identifying alcohols. The 
hydroxyl group makes the molecule polar, which increases the solubility of the 
compound. 


Carbonyl group 


The carbonyl group is a —-C=O attached to either a carbon chain or a hydrogen 
atom. It is found in aldehydes (below left) and ketones (below right). 


O 
4 l |l 
H Y e m a H XN a A 
eee,» H Peet 8 
Pog N NAZM `H 
HH H yey HH 


If the carbon atom is bonded to a hydrogen atom, the molecule is an aldehyde. If 
the carbon is attached to two carbon chains, the molecule is a ketone. The 
double-bonded oxygen atom is highly electronegative, so it creates a molecule 
that will exhibit polar properties. 
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Carboxyl group 


The -COOH group has the ability to donate a proton (H* O 
ion), giving the molecule acidic properties. I| 


C 
PS 
Amino group R OH 


An amino group contains an ammonia-like functional group composed of a 
nitrogen atom and two hydrogen atoms covalently bonded. The nitrogen atom 
has unshared electrons and can accept protons. This gives the molecule basic 
properties. An organic compound that contains an amino group is called an 
amine. The amines are weak bases because the unshared electron pair of the 
nitrogen atom can form a covalent bond with a proton. Another molecule that 
contains an amino group is an amino acid. It consists of the -NH2 group of an 
amine and the -COOH group of an acid. The amino acid glycine is shown below. 


H-CH-COOH 
NH, 


Sulfhydryl group 


A thiol is a compound that contains the functional group composed of a sulfur 
atom and a hydrogen atom (—SH). This functional group is referred to either asa 
thiol group or a sulfhydryl group. More traditionally, thiols have been referred to 
as mercaptans. 


The small difference in electronegativity between the sulfur atom and the 
hydrogen atom produces a non-polar covalent bond. This does not allow 
hydrogen bonding, giving thiols lower boiling points and less solubility in water 
than alcohols of a similar molecular mass. 


Phosphate group | 


The phosphate ion is contained in a hydrocarbon chain within the | 
molecule. This molecule is ideal for energy transfer reactions 
(ATP) because of its symmetry and rotating double bond. 


In biological systems, phosphates are most commonly found in the form of 


adenosine phosphates (AMP, ADP and ATP) and in DNA and RNA and can be 
released by the hydrolysis of ATP or ADP. 
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Derivatives utilizing other atoms are also common, as shown in the table: 


Seo or Trunedenel Structure Affix Example 
molecule group 
HC — C ŒN 
R— C==N: -nitrile acetonitrile or 
ethanonitrile 


Cyanide 


Nitrile Co=N 


R—N—H 
primary | 
H 
F R,—N—H 
seconda ae 
ry | amine 4c 


ethanamine 


tertiary 


primary 


Aminocarbonyl 


O 
|| secondary 
C 


Se, K propionamide or 


propanamide 


tertiary 


Halide fluoro— 
—— xX chloro— 
DA bromo 
(where X is — 
F, CI, Br, or I) jodo— 2-bromobutane 
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Skill 19.3 Using IUPAC rules to name simple organic compounds 
See Skill 19.1 
Skill 19.4 Identifying heterocyclic compounds 


Heterocyclic compounds are organic ring structures (-cyclic) that include an atom 
or atoms other than carbon (hetero-) in the ring. Thus, although compounds such 
as benzene and cyclohexane form organic rings, they do not include atoms other 
than carbon, and therefore do not qualify as heterocyclic. The particular number 
of elements in the ring varies, with 

three being the obvious minimum. A 

Oxygen, nitrogen and sulfur are most 

commonly found in heterocyclic | / \ 
compounds, but there is no x 
fundamental limitation to these N 
particular elements. Examples of 

heterocyclic compounds include Pyridine Furan 
pyridine and furan. 


In addition to the single-ring examples illustrated 

above, heterocyclic compounds can also have N 
multiple rings. Due to the vast number of different 

possible arrangements and numbers of rings, the 

nomenclature associated with these compounds can 


be difficult 
o to master. : 
The names Indoline 
of the 
above examples do not provide any 
NH useful information, as would systematic 


nomenclature of the style of 
cyclohexane, for instance, if one is not 
already familiar with the name and the 
compound to which it refers. As such, 


N O the names of many heterocyclic 
H compounds must be memorized. An 
, example of a multi-ring (polycyclic) 
Thymine heterocyclic compound is indoline. The 


(5-Methylpyrimidine-2,4(1H,3H)-dione) name of this compound, as with pyridine 


and furan, is not informative unless it is 
memorized or a reference is consulted. 


CHEMISTRY 231 


TEACHER CERTIFICATION STUDY GUIDE 


Heterocyclic compounds find prominent application in pharmaceutical and 
agricultural products, and they are also critical in biological processes. For 
example, the heterocyclic compound thymine is an important component of DNA. 
Thymine is also identified in IUPAC nomenclature as 5-methylpyrimidine- 
2,4(1H,3H)-dione. 


Skill 19.5 Recognizing isomers of organic compounds, including 
stereoisomers. 


Isomers are molecules with the same molecular formula in which the atoms 
are arranged differently. There are two classes of chemical isomerism: 
structural isomers and stereoisomers. 


Structural isomers have bonds attached in a different order from each 
other. Structural isomerism is also known as constitutional isomerism. The 
three types of structural isomers are described below. 


Stereoisomers have bonds attached in the same order but with different 
spatial arrangements. Stereoisomerism is also known as spatial isomerism, 
and there are two types of stereoisomers: cis-trans isomers and enantiomers. 
Detailed naming rules for stereoisomers are an advanced topic. 

Structural isomerism 


1) In chain isomers, different branching structures exist in different 


compounds. 
Example: pentane, isopentane, and neopentane shown below are all 
C5H >. CH3 
CH3 
H H | H3C—-C——CHg3 
T bg Sch; ee oP Seu CH3 


2) In position isomers, functional groups are located at different positions. 
Example: 1-iodopropane and 2-iodopropane shown below are both C3H7l. 


H3 | 
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3) In functional group isomers, different functional groups are used to 
create different molecules with the same formula. 
Examples: Cyclopropane and propylene are both C3H.. 


c g 
: as 
C2H60 is ethyl alcohol =, -/ Nu, H3c~ cH; (ethanol) 
and dimethyl ether ? g (methoxymethane). 
H2 5 
C ATRN 
Asc Soh H3C CH3 


Cis-trans isomerism 


Carbon atoms in a double or triple bond are prevented from rotating freely by 
T bonds. C atoms in ring structures are also unable to rotate because they 
are locked into the ring. For alkynes and aromatics, the single atoms attached 
to these carbons sit in the same spatial reference plane as the C atoms 


themselves: 
-= [L 
= —c C—— 
C È N Y 


However, for alkenes and cycloalkanes, the inability of these carbon atoms to 
rotate forces the attached atoms to reside permanently on one side or the other 
of the reference plane. 


: , side 1 side 1 
side 1 side 1 \ de 1 / 
C=C PSIA 
: C , 
, , side 2 | side 2 
side 2 side 2 seo 


The molecule simply has to rotate for the "side 1" atoms to become "side 2" 
atoms, but the key concept behind this form of isomerism is that the atoms on 
one side will always remain with each other on that side. 
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When substitutions replace hydrogen on two different carbon atoms on an alkene 
or cycloalkane, one substitution will either be cis- (Latin for "on this side") or 
trans- (Latin for "across") with respect to the other. Cis-trans isomerism is 
sometimes called geometrical isomerism. It is included in the name of the 
molecule as shown below. 


H 
H3C CH3 N i a 
i n 


H H H 
cis-2-butene cis-1,2-dichlorocyclopropane 
CI 
H3C H 
\ X i x 
— 
/ / SL" 
H CH; 1 H 
H 
trans-2-butene trans-1,2-dichlorocyclopropane 


Enantiomers 


If a carbon atom has four different substituents attached, they may be 
arranged in two ways. The two molecules will be different no matter how they 
are turned or how their bonds are rotated. They will not be superimposable on 
each other, but instead will be mirror-images of each other. Such compounds 
are said to be chiral and the carbons responsible are called chiral centers. 


For example, in 2-chlorobutane, the second carbon has 


four different substituents attached to it: a H atom, a Cl 1a | ie 
atom, a methyl group, and an ethyl group. CH—CH 

In the following three dimensional representations, / a 
dashed wedge shapes represent atoms attached CI 


behind the page and thick wedge shapes represent 

atoms attached in front of the page. The following three representations of 2- 
chlorobutane all describe the same molecule. They are superimposable by 
rotating the bond between carbon 7 and the ethyl group: 


Ha et 

2 jou , SeDen.ch ST)CHCHs 
H` cif H3C™ f 
re H 
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But the following structure represents a different molecule because carbon 2 is a 
chiral center: 
The substituents have been exchanged in a way 
H3C that is impossible through any rotation of bonds or 
rotation through space. If this molecule is rotated 
C—CH,CH3_ in space in the direction shown, the mirror image 


cif nature of enantiomers is seen by comparison with 
H the first of the three molecules above: 
CH3 H3C 
H3CH2C—C.,, wi CH2CH3 
eb | 
Cl Cl 


These concepts are difficult for many people to fully grasp unless they use 
molecular models. This form of stereoisomerism is known as optical isomerism 
because chiral molecules have unique effects on polarized light. Molecules 
containing all carbon atoms with three or fewer different entities attached cannot 
be enantiomers and are called achiral. 


Reactions between organic molecules are numerous and have been studied 
largely for their importance in organic synthesis, which has allowed chemists to 
create new organic molecules for use as pesticides, therapeutic drugs, plastics, 
and the like. 


While there are unlimited possible organic reactions, general patterns do exist. 
Reactions are often presented with a step-by-step reaction mechanism that 
demonstrates each bit of the reaction in detail. Some organic reactions fit into 
multiple categories. For example, some substitution reactions follow an addition- 
elimination pathway. Movies demonstrating a number of organic reactions can 
be found here: http://www.chem.ox.ac.uk/vrchemistry/nor/reactions.asp 
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COMPETENCY 20.0 UNDERSTAND ORGANIC REACTIONS OF MAJOR 
FUNCTIONAL GROUPS. 


Skill 20.1 | Demonstrating knowledge of the reactions of the major 


functional groups (addition, condensation, elimination, 
substitution) 


An addition reaction is a reaction in which two atoms or ions react with a double 
bond of an alkene, forming a compound with two new functional groups bonded 
to the carbons of the original double bond. In these reactions, the existing pi 
bond is broken and in its place, sigma bonds form to two new atoms. 


Examples of Simple Addition Reactions 


wa + H——Cl o | | coer 
A X | | | hydrochlorination 
ay + H,O = n Doe hydration 
= rT 

wag + Hy — M, hydrogenation 
i | 


The mechanisms for these types of reactions depend on the 
nucleophilicity/electrophilicity of both the alkene and adding group, and the 
presence of solvent or catalyst. 


In many cases, the first step of the reaction is the attack of a positively charged 
proton by the pi electrons, causing a proton transfer across the double bond. 
This is followed by addition of the nucleophile to the remaining cation. 


Mechanism for Electrophilic Addition of HCI to 2-Butene 


slow, rate 


H 


determining + - 
H3CHC = CHCH} + HTC == HCHC—-CHCH; + sel: 
a cl 
cl: 43 a fast | 
: Cl: H3CHC——CH,CH3 —— H3CHC——CH,CH3 
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A substitution reaction is a reaction in which an atom or group of atoms is 
replaced by another atom or group of atoms. The most common types of these 
reactions are Sn1 and Sp2 reactions. 


Examples of Substitution Reactions 


HO: + CHBr ———— CHOH + g: 


H 
A i 
+ Br» ——q—> MON ue HBr 


On of the most important types of substitution reaction is a nucleophilic 
substitution, an Sy2 reaction in which a halide is added to a molecule. These 
reactions can lead to a variety of new functional groups. The mechanism for 
these reactions involves the attack of a nucleophile on a central carbon atom. 
Simultaneously, B-elimination of a leaving group occurs. 


Mechanism for Nucleophilic Substitution of OH- to Bromomethane (Sn2 Reaction) 


H H 
a | z a 3 ae 


HO: a ie = i}  HO----C----Br È =e a M 
` oe Sy ee 
SN l H 
H H H H 


transistion state with 
bond breaking and forming 


The mechanism for an Sy1 reaction is a multi-step mechanism, where the leaving 
group is eliminated in the first step to leave a positively charged carbocation (an 
electrophile). The cation is then attacked by a nucleophile, followed by the final 
step of proton transfer to afford a neutral molecule. 


An elimination reaction is a reaction in which a functional group is split 
(eliminated) from adjacent carbons. This is a reaction that can often compete 
with nucleophilic substitution and is highly dependent on the leaving group 
present in the molecule. Elimination reactions are favored by the presence of 
strong bases. 
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Examples of Elimination Reactions 


Br ya 
Te ee ee + tBuO K —— > NAAN + KBr + tBuOH 


Br 


CH;ONa 
a al 
CHOH i 
major product minor product 


CH3 


H3C-——C——CH3 + HO—CH ————» | 
H2,C==C—Ch 3 


There are two types of elimination reactions, E1 and E2 reactions. The 
mechanism for E1 is a multistep reaction that involves the formation of a 
carbocation intermediate. The E2 mechanism is a series of steps, bond breaking 
and bond formation, that occur simultaneously. Similar to the Sy2 case outlined 
above, both the haloalkane and the base are involved in the transition state. 


Mechanism for Elimination of 2-Bromo-2-methylpropane (E1 Reaction) 


CH 
3 slow, rate CH3 
determining 2 
ey ie r HaC—C— Ch; + iBr? 
* Br? 
FRC i H3C CH; 
\ fast Nee 
vi : + AA Ç— CH; —> a + H,C—=C——CH, 
H o eee H H 
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Skill 20.2 Identifying the processes by which organic polymers are 
formed 


Organic polymers are chains of molecules, or monomers that are connected 
through covalent bonding. The processes used to form organic polymers may be 
natural, synthetic or a combination of the two. Organic polymers exist and are 
formed in many biological systems, for example, but they are also synthetically 
produced for a number of common, everyday purposes. 


Natural polymer synthesis 


Natural polymer formation takes place in living organisms, often with enzymes 
serving as catalysts for the formation reactions. Proteins, nucleic acids (Such as 
DNA) and polysaccharides are all forms of these “biopolymers” that are critical to 
living organisms. Cell processes, such as DNA transcription to produce RNA, are 
responsible for the formation of these polymers. 


Synthetic polymer synthesis 


Synthetic polymers are used in a number of areas of life and range from the 
nylon used in various articles of clothing to the polyvinyl chloride (PVC) used in 
plumbing and other applications. Synthetic polymerization of organic monomers 
can take place by addition polymerization or by step-growth (condensation) 
polymerization. Polystyrene is a common product of addition polymerization, and 
nylon is a common product of step-growth polymerization. 


Addition polymerization 


Addition polymerization takes place for unsaturated monomers. In the presence 
of a catalyst, such as a free radical, a pi bond in the monomer is disturbed, and 
the resulting molecule is, itself, a chemically active free radical. This first step of 
the process is called initiation. The process may then continue, with the new 
molecule bonding with additional monomers in the same manner, thus forming a 
chain. Following this propagation step, free radicals may combine, thus forming a 
more stable polymer chain. This final step is called termination. Peroxides, such 
as benzoyl peroxide, are common agents that, when heat is applied, form free 
radicals that can initiate the polymerization process. An example of addition 
polymerization is shown below for the monomer vinyl chloride, which forms 
polyvinyl chloride. 


—— ) aaa > 
O Heat eo 
r 
a O 


Initiation (formation of a free radical) 
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(Ye) Cl H O 
N / 
/ N 
Cl Cl 


Propagation (chain formation) 


NCI CI CI Cl Cl ors 


Termination 


Step-growth polymerization 


In step-growth polymerization, which is similar in some ways to addition 
polymerization, polymer chains in the process of forming may react with each 
other to form longer chains. Furthermore, functional groups may react with each 
other to form new functional groups not found in the original components. 


In addition to these forms of polymerization, naturally-occurring polymers may be 
modified to produce new polymers with desirable characteristics. The 
vulcanization of rubber is one example of a combination of natural and synthetic 
processes for creating a polymer. 


Skill 20.3 Identifying everyday applications of organic reactions 


The number of naturally occurring organic compounds is mind-boggling and even 
more compounds can be creating using the tools of organic synthesis. 
Organic compounds are especially important to humankind because they are 
involved in all biochemical reactions. Not only does this mean we must study 
organic compounds to understand natural phenomena, but that we can subtly 
alter biological reactions by introducing or changing the concentrations of 
organic molecules. Finally, organic compounds exhibit wide varieties of 
chemical and physical properties and small alterations in structure allow us to 
“tweak” these properties to suit our needs. For these reasons, organic molecules 
are important in the production of plastics, fabrics, paint, pharmaceuticals, 
fertilizers, petrochemicals, explosives, foods, and many other goods. 
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Polymers are large organic molecules consisting of repeated units linked by 
covalent bonds. There are many naturally occurring polymers such as proteins 
and starches. Additionally, many artificial polymers have been developed. The 
repeated unit in a polymer is known as a monomer. Thus, the monomer ina 
protein is an amino acid and the monomer in the manmade polymer polyethene 
(better known as polyethelyene) is ethene. Copolymers may be created by using 
two or more different monomers. Both the physical and chemical properties of 
polymers vary widely and are a function of the monomer, the molecular weight or 
length of the polymer, and intermolecular forces. Polymers range from low 
viscosity liquids to extremely hard, crystalline solids and from biologically 
degradable to nearly inert. The structure of polymers can be changed and this 
allows very tight control of these physical properties. Therefore, polymers have 
been used in a large variety of medical, construction, clothing, packaging, and 
industrial applications. Just a few of the many examples of products made from 
polymers are: poly-styrene food containers, poly-vinyl-chloride (PVC) pipes, poly- 
lactic acid (absorbable) sutures, neoprene wetsuits, polyethylene grocery bags, 
and polytetrafluoro-ethylene lined cooking pans (Teflon). 


Pharmaceuticals 


Pharmaceuticals are organic molecules with therapeutic benefit. Not all 
pharmaceuticals are organic chemicals, but the vast majority are. Often these 
compounds are synthetically produced versions of naturally occurring molecules 
such as hormones, enzymes, or vitamins. Other drugs have structures that 
have been specifically developed to block the action of natural compounds (for 
example, a molecule that stops the action of an enzyme by permanently 
occupying its binding site). Delivery and dosage are important considerations for 
all pharmaceuticals since it is necessary that they reach their target tissue intact 
and at a therapeutic concentration. Pharmaceuticals have been developed and 
marketed to treat of vast array of physical and mental diseases and degenerative 
conditions, to fight infections and allergies, for contraception, to diminish pain, 
and for diagnostic purposes. 


Pesticides 


A pesticide is any substance designed to prevent, repel, or destroy a pest. 
Pesticides include insecticides, herbicides, fungicides, and rodenticides. While 
biologic (i.e., beneficial viruses and bacteria) and inorganic pesticides exist, the 
majority are organic compounds. Like pharmaceuticals, many pesticides work by 
disrupting natural biochemical pathways. Extreme care must be taken with 
pesticides, as they are dangerous to people and the environment. While 
pesticides are in use in residential, commercial, and industrial settings, it is in 
agricultural endeavors that they are most utilized. Pesticides are helpful in that 
they minimize crop damage and loss, but they have a negative effect on the 
environment, can lead to the evolution of resistant organisms, and may leave 
residue on foods. 
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COMPETENCY 21.0 UNDERSTAND THE STRUCTURE AND FUNCTION OF 
BIOMOLECULES. 


Skill 21.1 | Recognizing and distinguishing the structures of the major 
classes of biomolecules (proteins, lipids, carbohydrates, 
nucleic acids) 


Lipids 
Lipids typically have large hydrocarbons as part of their structure and are 


insoluble in water. Animal fats and vegetable oils are complex lipids called 
triacylglycerides. These molecules contain three ester groups. 


et 
O 
o OH 

Hc 
Fats, such as the molecule shown above, may be \ 
broken apart to yield glycerol and long-chain carboxylic CH—OH 
acids known as fatty acids. Glycerol is shown to the right / 
and two fatty acids are shown below. HC, 

OH 
HO O o o 
A 


Classes of hydrocarbons are often applied to the corresponding fatty acid. 
Saturated fat refers to fatty acids containing a hydrocarbon chain with only 
single bonds as shown above on the right. Unsaturated fat refers to fatty acids 
containing one or more alkene group. If one alkene linkage is present on the 
hydrocarbon, it is monounsaturated. If more than one is present, it is 
polyunsaturated. Unsaturated fats are also described as cis— or trans— and 
may be conjugated. The molecule above on the left is a monounsaturated cis- 
fatty acid. Unsaturated fat in processed food is often converted to saturated fat 
by hydrogenation. 


Simple lipids such as cholesterol 
(shown below) do not contain 
ester groups: 
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Many lipids like the fatty acids above have a long non-polar hydrocarbon "tail" 
region and a small polar "head" region. The hydrocarbon region of the molecule 
is hydrophobic (“water-hating”), and the polar region is hydrophilic (“water- 
loving”). 


Soaps and synthetic detergents clean materials because their molecules have 
these two regions. When they are dispersed in water, the hydrophilic heads face 
the water in an attempt to dissolve, but the hydrophobic tails are attracted to 
each other and surround any grease particulates. These spherical clusters are 
called micelles. The net effect is to disperse grease in water where it can be 
washed away. 


H20 


Lipid molecules in the membranes of cells form a lipid bilayer by lining up tail-to- 
tail in order to separate the space inside the cell from the extracellular 
environment. 


Environment 
(outside cell) 


Cell membrane 


Cytoplasm 
(inside cell) 
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Proteins 


Proteins play a role in nearly every process in living organisms and are the most 
important and diverse molecules in living things. Amino acids form the 
building blocks of proteins. Amino acids contain both an amine and a 


carboxylic acid. 
O 
/ 


CA 
HN 4 OH 
Each of the 20 different common amino acids uses a different side chain for R. 
Side chains may be nonpolar or polar. The polar side chains may be acidic or 
basic. Side chains may also be aromatic or aliphatic. 


R 


The carbonyl carbon atom of one amino acid bonds to the amine nitrogen of 
another to form an amide group. This bond is called a peptide bond: 


Ri R, 
\ J The molecule to the left is a dipeptide because 
H2N— CH CH— C it contains two amino acids. Many amino acids 
/ x strung together form a polypeptide, and the 
ye OH term protein is used for these larger 
chains. 


Interactions among specific sequences of side chains give each 
protein a certain shape with unique chemical properties. A common 
shape found within many proteins is an a-helix shown to the right. 
Physical properties of the protein follow from the way individual 
protein molecules interact with water and with each other. 


A protein called keratin is insoluble in water but binds to other 

keratin molecules to form hard structures. Proteins like keratin are 

known as structural proteins or fibrous proteins. Keratin is the main 
component in hair and fingernails. A different protein called insulin is soluble in 
water and achieves a certain shape as an individual molecule. Proteins like 
insulin are Known as globular proteins. Insulin in the bloodstream regulates 
glucose metabolism. 


Globular proteins called enzymes act as catalysts to increase the rate of 
biochemical reactions. The names of enzymes often end with the suffix —ase. 
Many other protein names end with the suffix —in. Heating a protein or changing 
its chemical environment may cause it to lose its shape without breaking any 
covalent bonds. This loss of structure is called denaturation. 


CHEMISTRY 244 


TEACHER CERTIFICATION STUDY GUIDE 


Carbohydrates 


Monosaccharides (also known as simple sugars) form the building blocks of 
carbohydrates. The empirical formula for simple sugars is CH2O. The name 
carbohydrate is derived from "hydrate of carbon" based on this formula. The 
names of monosaccharides use the suffix -ose. A monosaccharide contains 
multiple hydroxyl groups and may be an aldose or a ketose depending on 
whether it contains an aldehyde or a ketone group. 


Organisms use the bonds in carbohydrates to store energy in chemical form. 

The most important monosaccharide is glucose. Glucose is a hexose because it 
contains six carbon atoms. Glucose has the formula CgH12O0.. It is also an 
aldose. Like many monosaccharides, the carbonyl group of glucose may react 
with one of its hydroxyl groups. This creates an equilibrium between open 
chain and ring forms. These two forms of glucose are sh@i below: 


OH H OH OH HC O OH 
O A AN. A 
N re | CH CH 
C—C—C—C—C—CH,OH | | 
ae calle a al „CH _CH, 
H OH H H Ho” CH “OH 


Two simple sugars may be joined together by a glycosidic bond. OH 


OH The molecule to the left is the 
HON VA disaccharide sucrose. Many sugars 
CH2 H2C linked together will form a 
pOH polysaccharide, and the term 
HOy,, 15 J CH complex carbohydrate is used for 
CH O o | these structures. More than two 
| | w ouei glycosidic bonds may attach to a 
CH, 4 ARR ips simple sugar, so complex 
HO” cH “oN \ OH carbohydrates often contain branch- 
CH3 like structures. This is in contrast to 
proteins where building blocks are 
HO strung together in a linear fashion. 


Starch and cellulose are two examples of glycosidic complex carbohydrates. 
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Nucleic Acids 


Nucleotides form the building blocks of nucleic acids. A nucleotide is made 
up of a phosphate, a sugar, and an amine "base." An example is shown below: 


"O—P=0 


Amine base 


Phosphate eee 


m 
5 a NH2 
On fe : of ites i a I 
a 
O 
HO OH 


H 
OH 


N 


C 


Sugar 


NH Living things use nucleic acids to carry genetic 
information based on the identity of the amine base 
present. This information is used to determine the 
amino acid sequence of every protein in the organism 
and it provides a blueprint for how the organism is 

° made. 


5 The phosphate of one nucleotide may form a 


/ 


form a dinucleotide as shown on the left. Sugar- 
NH phosphate groups link to each other to form a helix 
= "backbone" with the amine bases protruding 
o outwards. Many nucleotides linked together in this 
way form ribonucleic acid (RNA) if the sugar is 
ribose, and others will form deoxyribonucleic acid 
(DNA) if the sugar is ribose lacking a hydroxyl group. 


4 covalent bond with the sugar residue of another to 


Amine bases on one nucleic acid molecule may form hydrogen bonds with bases 
on a second strand. For DNA, these two strands form the familiar double-helix. 


sugar-phosphate 


backbones EEN 
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Skill 21.2 Identifying the primary functions of the various types of 
biomolecules and relating these functions to molecular 
structure 


See Skill 21.1. 
Skill 21.3 Recognizing the role of enzymes in biological systems 


Numerous chemical reactions take place in biological systems, and many of 
these reactions, if allowed to proceed unaided, would have an insufficient 
reaction rate to sustain life. The presence of enzymes averts this difficulty by 
causing an acceleration of the biochemical reactions without the need for 
excessive, damaging heat or pressure. Thermodynamically, enzymes act by 
reducing the activation energy for a reaction, thus accelerating the reaction ata 
specific temperature and pressure by increasing the probability that the reaction 
will take place in a specific time interval. This is illustrated graphically in the 
representative plot below. 


Activation energy (no enzymes present) 


Products 


Reaction progress 


The reaction of the enzyme (E) with the substrate (S) to form product chemicals 
(P) can be written in the following manner: 


E+S—ES=—E+P 


Enzymes are proteins or protein-based molecules that have the ability to bind to 
a substrate and lower the activation energy, therefore yielding product molecules 
more efficiently. Since the enzyme is not altered by the reaction, it is able to 
catalyze the reaction numerous times without breaking down or otherwise 
changing its form or chemical activity. Also, many enzymes are highly complex 
molecules that, consequently, are extremely selective regarding the reactions 
that they facilitate. As a result, in addition to speeding up a reaction, an enzyme 
also selects only a certain reaction or reactions for acceleration. This is another 
critical function, since an enzyme that catalyzed reactions indiscriminately would 
likely cause damage to an organism. The presence of a given set of enzymes in 
a biological system therefore facilitates only certain metabolic pathways. 
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Enzymes are necessary for biological processes such as digestion, for which the 
presence of certain enzymes aids in breaking food down into chemicals that can 
be used by the organism. Also, certain enzymes (myosins) are necessary for 
muscle cell contraction and, consequently, animal movement. As mentioned 
previously, the pathways for metabolism in cells are determined by the presence 
of specific enzymes. Furthermore, enzymes can serve to synthesize molecules in 
addition to decomposing them, as with the example of DNA synthesis. In each of 
these cases, enzymes are critical for proper cell functioning for such processes 
as growth and reproduction. 


Skill 21.4 | Recognizing factors that affect enzyme kinetics 


Enzymes are proteins that catalyze, or accelerate, certain reactions. Enzyme 
kinetics refers to the rate at which enzyme-catalyzed reactions take place. As 
with any chemical reaction, the reaction rate is determined by a number of 
different factors. 


Environmental conditions, such as pH, temperature and pressure, contribute to 
the rate at which enzyme-catalyzed reactions take place. In the case of pH, there 
is typically a value for which the reaction rate reaches a maximum; this is the pH 
optimum, and it generally varies, depending on the specific enzyme. 
Temperature also has a variable effect. Increasing temperature is an indication of 
increasing molecular motion, and, consequently, as the temperature increases, 
the rate of reaction also increases. This trend is not without limits, however, as 
sufficiently high temperatures can cause an enzyme to be denatured and to no 
longer function. Enzymes can also be denatured by extreme pH levels. 
Depending on the particular conditions and the particular enzyme, denaturing 
may or may not be reversible through a change in the environmental conditions. 


Additionally, the concentration of the substrate upon which the enzyme acts isa 
major factor in the reaction rate. The reaction rates for single-substrate enzymes 
can often be modeled using so-called Michaelis-Menten kinetics, which describes 
the reaction rate in terms of the concentration of the substrate. A canonical plot 
of this relationship is shown in the graph below. 


Reaction rate 


Substrate concentration 
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As the concentration of the substrate increases, eventually a saturation point is 
reached; beyond this point, the reaction cannot be further accelerated. The plot 
above is based on the model of enzyme catalysis expressed in the following 
chemical equation, where the enzyme (E) reacts with the substrate (S) to form 
some product or products (P). The rates of forward and reverse enzyme- 
substrate bonding are expressed as k, and kı, and the rate of product molecule 
production is expressed as ko. 


ki k2 
E +S == ES — E +P 


1 


Enzyme-catalyzed reactions may or may not follow Michaelis-Menten kinetics, 
and they may involve more than a single substrate. In such a case, the specific 
concentration of the substrate or substrates may exhibit different effects. 


Other factors also influence the rate at which enzyme-catalyzed reactions take 
place. For instance, the presence of so-called enzyme inhibitors can limit 
reaction rates, as the inhibitor is able to bind to the enzyme and limit its chemical 
activity. Many pharmaceutical products are designed, based on this principle, to 
limit enzyme activity for the purpose of correcting metabolic imbalances or to 
destroy or restrain pathogens. Since enzyme inhibitors act to slow reaction rates, 
they can be poisonous to organisms as well. 


Skill 21.5 Recognizing the importance and role of buffers in biological 
systems. 


Buffers are substances that cause the solution in which they are present to resist 
changes in pH. A buffer agent is either a weak acid or a weak base, and, when in 
an aqueous state, the buffer agent forms a buffer solution. Since many biological 
processes require highly specific pH levels, buffers are critical to sustaining life in 
organisms. 
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Enzymes, which are reaction catalysts that are crucial components of 
biochemical processes, can only perform their functions efficiently when their 
environment is within a certain pH range. Most enzymes display a so-called pH 
optimum for which enzyme activity is maximized. Variations in pH can cause 
enzyme activity to slow or cease, and extreme variations in pH can cause 
enzymes to become denatured. In non-buffered solutions, the addition of small 
amounts of basic or acidic substances can cause significant changes in pH. 
Since biological systems are dynamic, with many different processes taking 
place and many different substances present, buffers are necessary to prevent 
the kind of wide variation of pH that can inhibit proper enzyme catalysis. Thus, a 
proper pH aids in regulating the reaction rates associated with certain enzymes 
and maintaining them at levels appropriate for their particular functions. Two 
important biological buffers are the phosphate buffer system that regulates pH for 
the fluid inside cells and the carbonic acid buffer system that regulates pH for 
blood plasma. The chemical equations for these buffers are shown below for an 
aqueous solution. 


HPO; == H*+HPO;? (Phosphate buffer system) 
H,CO, == H* +HCO;* (Carbonic acid buffer system) 


When in chemical equilibrium and at appropriate concentrations, a buffer solution 
containing a weak acid or weak base will resist the changes in pH that would 
otherwise have been brought on by the addition of a small amount of strong acid 
or strong base. In the case of a strong acid, the weakly dissociating buffer agent 
will consume the positive ions (protons) and then further dissociate to maintain 
equilibrium. For a strong base, the same process takes place, except that the 
negative ion is consumed. In biological systems, then, small added amounts of 
acid or base can be neutralized by the buffer, thus protecting critical life 
functions. Of course, the buffering abilities of a particular solution are limited, and 
its ability to resist pH change can be overwhelmed by addition of large amounts 
of acid or base. 


CHEMISTRY 250 


TEACHER CERTIFICATION STUDY GUIDE 


COMPETENCY 22.0 UNDERSTAND BIOCHEMICAL REACTIONS AND 
PROCESSES. 


Skill 22.1 | Using chemical principles (including thermodynamics) to 
analyze important biochemical processes (e.g., synthesis, 
degradation, electron transport, oxidative phosphorylation) 


Physical biological processes involve a vast number of reactions among various 
chemicals. As such, these biochemical processes may be analyzed using the 
same chemical principles that are used to analyze non-living systems. Since 
living organisms involve highly complex chemical systems, it is convenient to 
examine fundamental processes individually; these processes may then be 
related to other processes to gain a better understanding of the way organisms 
function chemically. Critical biochemical processes include synthesis, 
degradation, electron transport, oxidative phosphorylation, photosynthesis and 
numerous others. Many of these processes may be broken into sub-processes 
for closer and more precise analysis. 


Regardless of the particular reaction or set of reactions involved in the 
biochemical process of interest, standard analytical techniques can be applied. 
For instance, it is generally the case that systems tend toward the lowest energy 
state possible. In chemical analysis, this often determines the types of possible 
reactions, as well as the conditions and thermodynamic effects of the reactions. 
For example, the electron transport chain (and, more generally, respiration) is 
crucial for producing heat energy to supply the life processes of organisms. Many 
degradation reactions are also exothermic; organic matter that is undergoing 
biodegradation, for example, tends to be warmer than its environment. 
Examination of the chemical kinetics of various reactions in a particular 
biochemical process is also important; this examination can be accomplished 
through a thermodynamic analysis. The rates of the reactions are as crucial to 
organisms as the ability of the reaction to take place. 


The presence of catalyzing substances, such as enzymes, and the physical 
conditions in a system must also be considered. Temperature, pressure, pH and 
reagent concentrations are all factors that can affect the possibility of a reaction 
taking place and, also, the rate at which it can take place. Most biochemical 
processes require enzymes, and these enzymes require a highly specific pH 
level to properly function. Absent suitable environmental conditions, enzymes are 
unable to function and the organism will die. 
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The effects of functional groups on chemical activity and structure are also 
important considerations. In oxidative phosphorylation, for example, the addition 
of a phosphate (PO,) group can fundamentally change the three-dimensional 
structure of an enzyme or other protein. Since the function of these molecules is 
critically dependent upon their stereochemistry, this process can “activate” or 
“deactivate” a particular protein or enzyme to perform (or to not perform) some 
particular function. The particular arrangement of a molecule is determined, 
fundamentally, through a quantum mechanical analysis of the interactions among 
the electron clouds and the nuclei in the molecule. Such an analysis can be 
extremely complicated for even relatively small molecules, but there are less 
exacting techniques that can be applied to yield approximate results. 


Skill 22.2 Identifying the overall chemical equations for the metabolic 
reactions of photosynthesis and respiration. 


Photosynthesis and respiration are two metabolic processes that involve a 
number of chemical reactions, as well as a number of substances, such as 
enzymes, that aid the reaction, but are not altered by it. The set of chemical 
reactions for each process can be condensed into single, overall reactions that 
include the initial reactants and the final products. 


Photosynthesis is the process whereby plants consume carbon dioxide and 
water, in addition to light, to produce glucose (food). The process of 
photosynthesis is divided into two main sets of chemical reactions: the so-called 
light (or light-dependent) reactions and the so-called dark reactions. The overall 
equation for photosynthesis, which takes into account both the light-dependent 
reactions and the dark reactions, is expressed in the balanced chemical equation 
below. The chemical chlorophyll, which is a green pigment found in the 
chloroplasts of plants, is a key component of photosynthesis and is largely 
responsible for the green color of plants, even though it does not appear in the 
following equation. 


6CO, +12H,O + photons (light) > C,H,,O, +6H,O0+60, 
The equation may also be stated generally in words. 


Carbon dioxide + water + light — glucose + oxygen 
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Respiration is a process that is, in many ways, a reversal of photosynthesis. 
Photosynthesis collects energy in the form of light to synthesize food in the form 
of glucose; respiration involves the decomposition of glucose to acquire the 
necessary energy for life processes. Respiration may take place either 
aerobically (in the presence of oxygen) or anaerobically (in the absence of 
oxygen). The overall balanced chemical equation for aerobic respiration is written 
below. 


C,H,,0, +60, > 6CO, +6H,0 + energy (heat) 


Again, this equation may be stated generally in words. 

Glucose + oxygen — carbon dioxide + water + energy 
Anaerobic respiration is similar, with glucose forming lactic acid and energy in 
humans. In yeast, anaerobic respiration forms ethanol, carbon dioxide and 
energy. 
As can be seen in the above equations, photosynthesis is, in a sense, a process 


for converting light energy into chemical energy. That chemical energy can then 
be tapped through respiration to produce heat energy. 
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Sample Test 


Directions: Read each item and select the best response. 


1. A piston compresses a gas at 


constant temperature. Which 
gas properties increase? 


I. Average speed of 
molecules 

ll. Pressure 

Ill. Molecular collisions with 


container walls per second 


A. | and Il 
B. | and Ill 
C. Il and Ill 
D. |, Il, and III 


2. The temperature of a liquid is 
raised at atmospheric 
pressure. Which liquid 
property increases? 


critical pressure 
vapor pressure 
surface tension 
viscosity 


GOD 


3. Potassium crystallizes with 
two atoms contained in each 
unit cell. What is the mass of 
potassium found in a lattice 
1.00x10° unit cells wide, 
2.00x10° unit cells high, and 
5.00x10° unit cells deep? 


A. 85.0 ng 
B. 32.5 ug 
C. 64.9 ug 
D. 130. ug 
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. A gas is heated in a sealed 


container. Which of the 
following occur? 


gas pressure rises 

gas density decreases 

the average distance between 
molecules increases 

all of the above 


owp 


z 


. How many molecules are in 


2.20 pg of a protein with a 
molecular weight of 150. kDa? 


. 8.83x10° 
1.82x10° 
. 8.83x10° 
. 1.82x10° 


Jow 


. At STP, 20. uL of O2 contain 


5.4x10** molecules. According 
to Avogadro's hypothesis, how 
many molecules are in 20. uL 
of Ne? 


A. 5.4x101* 
B. 1.0x10*° 
C. 27x10" 
D. 5.4x1018 
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7. An ideal gas at 50.0 °C and 3.00 


atm is in a 300. cm° cylinder. 
The cylinder volume changes 
by moving a piston until the 
gas is at 50.0 °C and 1.00 atm. 
What is the final volume? 


A. 100. cm? 
B. 450. cm? 
C. 900. cm? 
D. 1.20 dm? 


. Which gas law may be used to 
solve the previous question? 


A. Charles's law 

B. Boyle's law 

C. Graham's law 

D. Avogadro's law 


. A blimp is filled with 5000. m? 
of helium at 28.0 °C and 99.7 
kPa. What is the mass of 
helium used? 


R = 8.3144 


mol-K 


797 kg 
810. kg 
879 kg 
8.57x10° kg 


JOM> 
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10. Which of the following are able 


to flow from one place to 
another? 


l. Gases 
Il. Liquids 
Ill. Solids 
IV. Supercritical fluids 


A. | and Il 

B. Il only 

C. I, Il, and IV 

D. 1, Il, Ill, and IV 


11.One mole of an ideal gas at 


STP occupies 22.4 L. At what 
temperature will one mole of 
an ideal gas at one atm occupy 
31.0 L? 


A. 34.6 °C 
B. 105°C 
C. 378 °C 
D. 442°C 


12.Why does CaCl, have a higher 


normal melting point than NH3? 


A. Covalent bonds are stronger 
than London dispersion 
forces. 

B. Covalent bonds are stronger 
than hydrogen bonds. 

C. lonic bonds are stronger than 
London dispersion forces. 

D. lonic bonds are stronger than 
hydrogen bonds. 
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13.Which intermolecular 
attraction explains the 
following trend in straight- 
chain alkanes? 


Condensed structural | Boiling 
formula point 
(CC) 
CH, -161.5 
CH3CH3 -88.6 
CH3CH2CH3 -42.1 
CH3CH2CH2CH3 -0.5 
CH3CH2CH2CH2CH3 36.0 
CH3CH2CH2CH2CH2CH3 | 68.7 


London dispersion forces 
Dipole-dipole interactions 
Hydrogen bonding 
lon-induced dipole 
interactions 


GOD 


14. List the substances NH3, PH3, 
MgCl;, Ne, and Nz in order of 
increasing melting point. 


A. No < Ne < PH3 < NH3 < MgCl2 
B. No < NH3 < Ne < MgCl. < PH3 
C. Ne < No < NH3 < PH3 < MgCl. 
D. Ne < No < PH3 < NH3 < MgCl. 


15.1-butanol, ethanol, methanol, 
and 1-propanol are all liquids 
at room temperature. Rank 
them in order of increasing 
viscosity. 


A. 1-butanol < 1-propanol < 
ethanol < methanol 

B. methanol < ethanol < 1- 
propanol < 1-butanol 

C. methanol < ethanol < 1- 
butanol < 1-propanol 

D. 1-propanol < 1-butanol < 
ethanol < methanol 
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16.Which gas has a diffusion rate 


of 25% the rate for hydrogen? 


helium 
methane 
nitrogen 
oxygen 


Jow 


17.2.00 L of an unknown gas at 


1500. mm Hg and a 
temperature of 25.0 °C weighs 
7.52 g. Assuming the ideal gas 
equation, what is the molecular 
mass of the gas? 


760 mm Hg=1 atm 
R=0.08206 L-atm/(mol-K) 


21.6 u 
23.3 u 
46.6 u 
93.2 u 


GOM> 


18.Which substance is most likely 


to be a gas at room 
temperature? 


Jow 
O 
fab] 
O 
N 


19. What pressure is exerted by a 


mixture of 2.7 g of H2 and 59 g 
of Xe at STP on a 50. L 
container? 


A. 0.69 atm 
B. 0.76 atm 
C. 0.80 atm 
D. 0.97 atm 
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20.A few minutes after opening a 


bottle of perfume, the scent is 
detected on the other side of 
the room. What law relates to 
this phenomenon? 


A. Graham's law 
B. Dalton's law 
C. Boyle's law 
D. Avogadro's law 


21. Which of the following are 


true? 


A. Solids have no vapor 
pressure. 

B. Dissolving a solute in a liquid 
increases its vapor pressure. 

C. The vapor pressure of a pure 
substance is characteristic of 
that substance and its 
temperature. 

D. All of the above 


22.Find the partial pressure of N2 


in a container at 150. kPa 
holding H20 and N; at 50 °C. 
The vapor pressure of H20 at 
50 °C is 12 kPa. 


12 kPa 

138 kPa 

162 kPa 

The value cannot be 
determined. 


Jow 


23.The normal boiling point of 


water on the Kelvin scale is 
closest to: 


112 K 
. 212K 
. 273K 
. 373 K 


mMmOoOQW> 
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24.Which phase may be present at 


the triple point of a substance? 


l. Gas 

Il. Liquid 

lll. Solid 

IV. Supercritical fluid 


I, Il, and IIl 

I, Il, and IV 

I, Wl, and IV 

I, Il, HI, and IV 


Jow 


25.In the following phase diagram, 


occurs as P is 
decreased from A to B at 
constant T and occurs 
as T is increased from C to D at 
constant P. 


Temperature (T) 


deposition, melting 
sublimation, melting 
deposition, vaporization 
sublimation, vaporization 


Jow 
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26. Heat is added to a pure solid at 


its melting point until it all 
becomes liquid at its freezing 
point. Which of the following 
occur? 


A. Intermolecular attractions are 
weakened. 

B. The kinetic energy of the 
molecules does not change. 

C. The freedom of the molecules 
to move about increases. 

D. All of the above. 


27.Which of the following occur 


when NaCl dissolves in water? 


A. Heat is required to break 
bonds in the NaCl crystal 
lattice. 

B. Heat is released when 
hydrogen bonds in water are 
broken. 

C. Heat is required to form bonds 
of hydration. 

D. The oxygen end of the water 
molecule is attracted to the 
CI ion. 
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28. The solubility of CoCl, is 54g 


per 100 g of ethanol. Three 
flasks each contain 100 g of 
ethanol. Flask #1 also 
contains 40 g CoCl, in solution. 
Flask #2 contains 56 g CoCl; in 
solution. Flask #3 contains 5 g 
of solid CoCl, in equilibrium 
with 54 g CoCl, in solution. 
Which of the following 
describe the solutions present 
in the liquid phase of the 
flasks? 


A. #1-saturated, 
#2-Supersaturated, #3- 
unsaturated. 

B. #1-unsaturated, #2-miscible, 
#3-saturated. 

C. #1-unsaturated, 
#2-Supersaturated, #3- 
saturated. 

D. #1-unsaturated, #2-not at 
equilibrium, #3-miscible. 


29. The solubility at 1.0 atm of 


pure CO; in water at 25 °C is 
0.034 M. According to Henry's 
law, what is the solubility at 4.0 
atm of pure CO; in water at 25 
°C? Assume no chemical 
reaction occurs between CO- 
and H20. 


A. 0.0085 M 
B. 0.034 M 
C. 0.14M 
D. 0.25 M 
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30. Carbonated water is bottled at 


25 °C under pure CO; at 4.0 
atm. Later the bottle is opened 
at 4 °C under air at 1.0 atm that 
has a partial pressure of 3x10“ 
atm CO2. Why do CO: bubbles 
form when the bottle is 
opened? 


A. COQz falls out of solution due to 
a drop in solubility at the lower 
total pressure. 

B. CQz falls out of solution due to 
a drop in solubility at the lower 
CO- pressure. 

C. CO- falls out of solution due to 
a drop in solubility at the lower 
temperature. 

D. COz is formed by the 
decomposition of carbonic 
acid. 


31.When KNO; dissolves in water, 


the water grows slightly colder. 
An increase in temperature will 
the solubility of KNOs3. 


increase 

decrease 

have no effect on 

have an unknown effect with 
the information given on 


Jow 


32. An experiment requires 100. 


mL of a 0.500 M solution of 
MgBr2. How many grams of 
MgBrz will be present in this 
solution? 


A. 9.21g 
B. 11.7g 
C. 12.4g 
D. 15.6 g 
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33.500. mg of RbOH are added to 


500. g of ethanol (C2H60) 
resulting in 395 mL of solution. 
Determine the molarity and 
molality of RÞOH. 


A. 0.0124 M, 0.00488 m 
B. 0.0124 M, 0.00976 m 
C. 0.0223 M, 0.00488 m 
D. 0.0223 M, 0. 00976 m 


34.20.0 g H3PO, in 1.5 L of 


solution are intended to react 
with KOH according to the 
following reaction: 

HPO, +3 KOH —> K PO, +3 H,O 
What is the molarity and 
normality of the H3PO, 
solution? 


A. 0.41 M, 1.22 N 
B. 0.41 M, 0.20 N 
C. 0.14 M, 0.045 N 
D. 0.14 M, 0. 41 N 


35. Aluminum sulfate is a strong 


electrolyte. What is the 
concentration of all species in 
a 0.2 M solution of aluminum 
sulfate? 


A. 0.2 M Al**, 0.2 M SO,2- 
B. 0.4 M Al**, 0.6 M SO,2- 
C. 0.6 M Al**, 0.4 M SO,” 


D. 0.2 M Al, (SO, ) 
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36.15 g of formaldehyde (CH20) 


are dissolved in 100. g of 
water. Calculate the weight 
percentage and mole fraction 
of formaldehyde in the 
solution. 


13%, 0.090 
15%, 0.090 
13%, 0.083 
15%, 0.083 


TOm> 


37.Which of the following would 


make the best solvent for Br2? 


A. H20 
B. CS, 
C. NH3 
D. molten NaCl 


38. Which of the following is most 


likely to dissolve in water? 


Iowy 
ep) 
TI 
oO 


39. Which of the following is nota 


colligative property? 


A. Viscosity lowering 

B. Freezing point lowering 
C. Boiling point elevation 
D. Vapor pressure lowering 


CHEMISTRY 


BaCl, (aq) +Na,SO, (aq) > 
BaSO, (s) + 2NaCl(aq) 


is an example ofa 
reaction. 


acid-base 
precipitation 
redox 
nuclear 


GOD 


41.List the following aqueous 


solutions in order of increasing 
boiling point. 


I. 0.050 m AICI, 
Il. 0.080 m Ba(NO, ) 


Ill. 0.090 m NaCl 
IV. 0.12 m ethylene glycol 
(C2H6023) 


A. I< I< III < IV 
B. I< IH <IV< Il 
C. IV<II<I<Il 
D. IV <IlI<II< | 


42.Osmotic pressure is the 


pressure required to prevent 

flowing from low to 
high concentration 
across a semipermeable 
membrane. 


A. solute, solute 

B. solute, solvent 
C. solvent, solute 
D. solvent, solvent 
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43.A solution of NaCl in water is 46. °H decays with a half-life of 12 
heated on a mountain in an : 


3 
open container until it boils at years. 3.0 g of pure {H were 


100. °C. The air pressure on placed in a sealed container 24 
the mountain is 0.92 atm. years ago. How many grams 
According to Raoult's law, of SH remain? 
what mole fraction of Na* and 
CF are present in the solution? A. 0.38g 
1 7 B. 0.75g 
. 0.08 Na’, 0.08 Cl D. 3.0g 


A 
B 
C. 0.46 Na’, 0.46 Cr 
D 


. 0.92 Na’, 0.92 CI 47.Oxygen-15 has a half-life of 122 
seconds. What percentage of 
a sample of oxygen-15 has 


44.Write a balanced nuclear decayed after 300. seconds? 


equation for the emission of an 
alpha particle by polonium-209. 


A. 18.2% 

0 

209 205 4 eee 

A. SPOS “,,Pb + He C. 78.7% 

x 0 

B. “Po —> *SBi+5He D. 81.8% 

C 209p 209 At +° 7 š 
ee OTA gg af 48.Which of the following 

D. Po *5Pb +4He isotopes is commonly used for 


medical imaging in the 
diagnose of diseases? 


45.Write a balanced nuclear 


. A. cobalt-60 
equation for the decay of 4 
calcium-45 to scandium-45. By teennetum:99m 

C. tin-117m 
D. plutonium-238 


“Ca > ioc +$He 
cate Sc 49. Carbon-14 dating would be 


useful in obtaining the age of 


45 45 0 
+ a . 
a9 CA—> 5,SC + _€ which object? 


90D > 


“Ca +p > $ Sc 
A. a20" century Picasso 
painting 

a mummy from ancient Egypt 
a dinosaur fossil 


all of the above 


vow 
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50. Which of the following 
isotopes can create a chain 
reaction of nuclear fission? 


52.Match the theory with the 
scientist who first proposed it: 


A. uranium-235 
B. uranium-238 
C. plutonium-238 
D. all of the above 


51.List the following scientists in 


chronological order from 
earliest to most recent with 
respect to their most 
significant contribution to 
atomic theory: 


I. John Dalton 
ll. Niels Bohr 
Ill. J. J. Thomson 


Electrons, atoms, and all 
objects with momentum 
also exist as waves. 


. Electron density may be 


accurately described by a 
single mathematical 
equation. 

There is an inherent 
indeterminacy in the 
position and momentum of 
particles. 


. Radiant energy is 


transferred between 
particles in exact multiples 
of a discrete unit. 


IV. Ernest Rutherford A. l-de Broglie, Il-Planck, 
Ill-Schrödinger, IV-Thomson 
A. |, Ill, Il, IV B. |-Dalton, II-Bohr, IIIl-Planck, 
B. 1, Ill, IV, H IV-de Broglie 
C. I, IV, I, H C. I-Henry, Il-Bohr, IIl- 
D. Ill, I, Hl, IV Heisenberg, IV-Schrédinger 
D. l-de Broglie, Il-Schrédinger, 
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Ill-Heisenberg, IV-Planck 


53. How many neutrons are in 


262 


TEACHER CERTIFICATION STUDY GUIDE 


54. The terrestrial composition of 


an element is: 50.7% as an 
isotope with an atomic mass of 
78.9 u and 49.3% as an isotope 
with an atomic mass of 80.9 u. 
Both isotopes are stable. 
Calculate the atomic mass of 
the element. 

A. 79.0 u 

B. 79.8 u 

C. 79.9u 

D. 80.8 u 


55. Which of the following is a 


correct electron arrangement 
for oxygen? 


aU UU MMW 


1s 


B. 1s°1p*2s*2p* 
C. 2,2,4 
D. none of the above 


56. Which of the following 


statements about radiant 
energy is not true? 


A. The energy change of an 
electron transition is directly 
proportional to the wavelength 
of the emitted or absorbed 
photon. 

B. The energy of an electron in a 
hydrogen atom depends only 
on the principle quantum 
number. 

C. The frequency of photons 
striking a metal determines 
whether the photoelectric 
effect will occur. 

D. The frequency of a wave of 
electromagnetic radiation is 
inversely proportional to its 
wavelength 
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57. Match the orbital diagram for 


the ground state of carbon with 
the rule/principle it violates: 


OO OL 


Il. Ai} 
III. RAR 
IV. 


A. l-Pauli exclusion, Il-Aufbau, 
IIl-no violation, IV-Hund's 

B. l-Aufbau, Il-Pauli exclusion, 
IIl-no violation, IV-Hund's 

C. I-Hund's, Il-no violation, IIl- 
Pauli exclusion, IV-Aufbau 

D. I-Hund's, Il-no violation, 
I1l-Aufbau, IV-Pauli exclusion 


58. Select the list of atoms that are 


arranged in order of increasing 
size. 


A. Mg, Na, Si, Cl 
B. Si, Cl, Mg, Na 
C. Cl, Si, Mg, Na 
D. Na, Mg, Si, Cl 


59. Based on trends in the periodic 
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table, which of the following 
properties would you expect to 
be greater for Rb than for K? 


TOD 


Density 


. Melting point 
. lonization energy 
. Oxidation number ina 


compound with chlorine 


| only 

I, Il, and IlI 

Il and III 

1, Il, Il, and IV 


60. Which oxide forms the 
strongest acid in water? 


A. 
B. 
C. 
D. 


Al2O3 
Cl207 
AS205 
CO2 


61. Rank the following bonds from 
least to most polar: 


Iowy» 


C-H, C-Cl, H-H, C-F 


C-H < H-H < C-F < C-CI 
H-H < C-H < C-F < C-CI 
C-F < C-CI < C-H < H-H 
H-H < C-H < C-CI < C-F 


62. At room temperature, CaBrz is 
expected to be: 


Jow 


a ductile solid 
a brittle solid 
a soft solid 

a gas 
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63. Which of the following is a 
proper Lewis dot structure of 


CHCIO? 
:0: 
Aro oe 
H” CI; 
:0: 
Bite os 
He Cl 
H’ :CI; 
‘oO 
D. ae 
sae 


64.In C2H2, each carbon atom 
contains the following valence 
orbitals: 


A. p only 

B. p and sp hybrids 
C. p and sp* hybrids 
D. sp? hybrids only 
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65.Which statement about 
molecular structures is false? 
A. HC g i 

i D NS ISa 
H 
conjugated 

molecule 

B. A bonding o orbital connects 
two atoms by the straight line 
between them. 

C. A bonding z orbital connects 
two atoms in a separate 
region from the straight line 
between them. 

D. The anion with resonance 
forms 


will always exist in one form 
or the other. 


66. What is the shape of the PH3 
molecule? Use the VSEPR 
model. 


A. Trigonal pyramidal 
B. Trigonal bipyramidal 
C. Trigonal planar 

D. Tetrahedral 


67.What is the chemical 
composition of magnesium 
nitrate? 


11.1% Mg, 22.2% N, 66.7% O 
16.4% Mg, 18.9% N, 64.7% O 
20.9% Mg, 24.1% N, 55.0% O 
28.2% Mg, 16.2% N, 55.7% O 


TODD 
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68. The IUPAC name for Cu2SQ3 is: 


Dicopper sulfur trioxide 
Copper (II) sulfate 
Copper (I) sulfite 
Copper (Il) sulfite 


Jow 


69. Which name or formula is not 
represented properly? 


A. Cl4S 

B. KCIO3 

C. Calcium dihydrogen 
phosphate 

D. Sulfurous acid 


70.Household "chlorine bleach" is 
sodium hypochlorite. Which of 
the following best represent 
the production of sodium 
hypochlorite, sodium chloride, 
and water by bubbling chlorine 
gas through aqueous sodium 
hydroxide? 


A 4Cl(g) + 4NaOH(aq) > 
" NaClO, (aq) + 3NaCl(aq) + 2H,O(/) 


2Cl,(g) + 4NaOH(aq) > 
NaClO, (aq) + 3NaCl(aq) + 2H,O(/) 


B. 


2Cl(g) + 2NaOH(aq) > 
NaCclO(aq) + NaCl(aq) + H,O(/) 


D: CI, (g) + 2NaOH(aq) > 
NaClO(aq) + NaCl(aq) + H,O(/) 
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71.Balance the equation for the 


neutralization reaction between 
phosphoric acid and calcium 
hydroxide by filling in the 
blank stoichiometric 
coefficients. 


__H,PO, + Ca(OH), > 


_ Ca, (PO,), + _H 


A. 4,3,1,4 
B. 2,3,1,8 
C. 2,3,1,6 
D. 2,1,1,2 


72. Write an equation showing the 


reaction between calcium 
nitrate and lithium sulfate in 
aqueous solution. Include all 
products. 


CaNO, (aq) + Li,SO,(aq) > 
CaSO, (s) + Li,NO,(aq) 


Ca(NO,),(aq) + Li,SO, (aq) > 
CaSO, (s) + 2LiNO, (aq) 


z Ca(NO,),(aq) + Li,SO,(aq) > 
2LiNO,(s) + CaSO, (aq) 


D. Ca(NO,),(aq) + Li, SO, (aq) + 2H,O(/) 
2LiNO, (aq) + Ca(OH), (aq) + H,SO, (aq) 
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73.Find the mass of CO2 produced 


by the combustion of 15 kg of 
isopropyl alcohol in the 
reaction: 


2C,H,OH +90, -» 6CO, +8H,O 


A. 33 kg 
B. 44 kg 
C. 50 kg 
D. 60 kg 


74.What is the density of nitrogen 


gas at STP? Assume an ideal 
gas and a value of 0.08206 
Leatm/(moleK) for the gas 
constant. 


0.62 g/L 
1.14 g/L 
1.25 g/L 
2.03 g/L 


Jop 


75. Find the volume of methane 


that will produce 12 m° of 
hydrogen in the reaction: 


CH, (g) +H,O(g) > CO(g) +3H,(9) 


Assume temperature and 
pressure remain constant. 


A. 4.0 m? 
B. 32m° 
C. 36 m° 
D. 64 m? 
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76.A 100. L vessel of pure O: at 


500. kPa and 20. °C is used for 


the combustion of butane: 


2C,H,, +130, > 8CO, +10H,O 


Find the mass of butane to 


consume all the Oz in the 
vessel. Assume QO; is an ideal 
gas and use a value of R = 
8.314 J/(moleK). 


A. 183g 
B. 467g 
C. 1.83 kg 
D. 7.75 kg 


77.Consider the reaction between 


iron and hydrogen chloride 
gas: 


Fe(s) + 2HCI(g) > FeCl, (s) +H,(g) 


7 moles of iron and 10 moles of 
HCI react until the limiting 
reagent is consumed. Which 


statements are true? 


l. HCI is the excess reagent 


ll. HCl is the limiting reagent 
lll. 7 moles of H2 are produced 


. 2 moles of the excess 
reagent remain 


| and Ill 

| and IV 
II and Ill 
Il and IV 


Jow» 
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78. 


32.0 g of hydrogen and 32.0 
grams of oxygen react to form 
water until the limiting reagent 
is consumed. What is present 
in the vessel after the reaction 
is complete? 


Jow 


16.0 g O2 and 48.0 g H20 
. 24.0 g H2 and 40.0 g H20 
. 28.0 g H2 and 36.0 g H20 
. 28.0 g H2 and 34.0 g H20 


79. Three experiments were 
performed at the same initial 
temperature and pressure to 
determine the rate of the 


reaction 


2Cl0,(g) + F,(g) > 2ClO,F(g) 


Results are shown in the table 
below. Concentrations are 
given in millimoles per liter 


(mM). 

Exp.| Initial | Initial | Initial rate of 
[ClOz] |} [F2] | [ClO2F] increase 
(mM) | (mM) (mM/sec) 

1 5.0 5.0 0.63 
2 5.0 20 2.5 
3 10 10 2.5 


What is the rate law for this 
reaction? 


A. Rate =k|F, | 
B. Rate =k| ClO, ||F, | 
C. Rate =k[Clo, | 

[ Clo 


D. Rate =k 


TEACHER CERTIFICATION STUDY GUIDE 


80. The reaction 
(CH,),CBr(aq) + OH (aq) > 
(CH,),;COH(aq) + Br” (aq) 


occurs in three elementary 
steps: 


(CH,),CBr — (CH,),C* + Br” is slow 


(CH,),C* +H,O > (CH,),COH,” is fast 


CH,),COH,* +OH™ 
(CH), 2 Si is fast 
(CH,),COH + H,O 


What is the rate law for this 
reaction? 


A. Rate =k|(CH,),CBr | 

B. Rate = k| OH Fi] 

C. Rate =k[(CH,),CBr]| OH" | 
D. Rate =k| (CH,) „CBr | 


81.Which statement about 
equilibrium is not true? 


A. Equilibrium shifts to minimize 
the impact of changes. 

B. Forward and reverse 
reactions have equal rates at 
equilibrium. 

C. Aclosed container of air and 
water is at a vapor-liquid 
equilibrium if the humidity is 
constant. 

D. The equilibrium between solid 
and dissolved forms is 
maintained when salt is added 
to an unsaturated solution. 
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82.Which statements about 
reaction rates are true? 


TOD 


Catalysts shift an 
equilibrium to favor product 
formation. 


. Catalysts increase the rate 


of forward and reverse 
reactions. 

A greater temperature 
increases the chance that a 
molecular collision will 
overcome a reaction's 
activation energy. 


. A catalytic converter 


contains a homogeneous 
catalyst. 


| and Il 

Il and Ill 

I, Hl, and IV 
I, Ill, and IV 


83.Write the equilibrium 
expression Keg for the reaction 


CO,(g)+H,(g)") CO(g) +H,O(/) 


| CO || H,0 | 


[co, |[H, | 


IL 
[CO, |[H, | 


peo ae 


[COIRO] 


[Co, ][H, | 
[co] 


(co, IH, | 
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84.What could cause this change 
in the energy diagram of a 
reaction? 


Energy—> 


Reaction pathway—> 


Energy—> 


Reaction pathway—> 


A. Adding catalyst to an 
endothermic reaction 

B. Removing catalyst from an 
endothermic reaction 

C. Adding catalyst to an 
exothermic reaction 

D. Removing catalyst from an 
exothermic reaction 


85.BaSO, (Ksp = 1X10°”) is added 
to pure H20. How much is 
dissolved in 1 L of saturated 
solution? 


A. 2mg 
B. 10 ug 
C. 2 ug 
D. 100 pg 
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86. The exothermic reaction 


2NO(g)+Br,(g)U 2NOBr(g) is 


at equilibrium. According to 
LeChatelier's principle: 


A. Adding Brz will increase [NO]. 

B. An increase in container 
volume (with T constant) will 
increase [NOBr]. 

C. An increase in pressure (with 
T constant) will increase 
[NOBr]. 

D. An increase in temperature 
(with P constant) will increase 
[NOBr]. 


87.At a certain temperature, T, the 


equilibrium constant for the 
reaction 

2NO(g)"| N,(g)+90,(g) is 

Keg = 2X10°. If a 1.0 L container 
at this temperature contains 

90 mM N2, 20 mM Oz, and 5 mM 
NO, what will occur? 


A. The reaction will make more 

No and Oo. 

The reaction is at equilibrium. 

The reaction will make more 

NO. 

D. The temperature, T, is 
required to solve this problem. 


©) 


88. Which statement about acids 


and bases is not true? 


A. All strong acids ionize in 
water. 

B. All Lewis acids accept an 
electron pair. 

C. All Bronsted bases use OH™ 
as a proton acceptor 

D. All Arrhenius acids form H* 
ions in water. 
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89. Which of the following are 93.A sample of 50.0 ml KOH is 
listed from weakest to titrated with 0.100 M HCIO}. 
strongest acid? The initial buret reading is 1.6 

ml and the reading at the 
A. H2SO3, H2SeO3, H2TeO3 endpoint is 22.4 ml. What is 
B. HBrO, HBrO2z, HBrO3, HBrO, [KOH]? 
C. HI, HBr, HCI, HF 
D. HaPO,, H2PO7, HPO. A. 0.0416 M 
B. 0.0481 M 

90.NH.F is dissolved in water. C. 0.0832 M 
Which of the following are D. 0.0962 mM 
conjugate acid/base pairs 
present in the solution? 94. Rank the following from lowest 

to highest pH. Assume a small 
I. NH,*/NH,OH volume for the component 
ll. HF/F™ given in moles: 
Ill. H30°/H20 
IV. H2O/OH™ I. 0.01 mol HCI added to 1 L 
H20 
A. |, ll, and Il Il. 0.01 mol HI added to 1 L of 
B. 1, Ill, and IV an acetic acid/sodium 
C. Il and IV acetate solution at pH 4.0 
D. Il, HI, and IV Ill. 0.01 mol NH; added to 1 L 
H20 

91.What are the pH and the pOH IV. 0.1 mol HNO; added to 1 L 
of 0.010 M HNO,(aq)? of a 0.1 M Ca(OH)2 solution 
A. pH = 1.0, pOH = 9.0 A. I< H< IH < IV 
B. pH = 2.0, pOH = 12.0 B. I< II<IV< Ill 
C. pH = 2.0, pOH = 8.0 C. II<1< I< IV 
D. pH = 8.0, pOH = 6.0 D. II<I<1IV< Ill 


92.What is the pH of a buffer 
made of 0.128 M sodium 
formate (HCOONa) and 0.072 M 
formic acid (HCOOH)? The pKa 
of formic acid is 3.75. 


A. 2.0 
B. 3.0 
C. 4.0 
D. 5.0 
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95. The curve below resulted from 
the titration of a 


witha titrant. 


13 


11 


TOD 


Volume added => 


weak acid, strong base 
weak base, strong acid 
strong acid, strong base 
strong base, strong acid 


96.Which statement about 
thermochemistry is true? 


A. 


Particles in a system move 
about less freely at high 
entropy 

Water at 100 °C has the same 
internal energy as water vapor 
at 100°C 


. A decrease in the order of a 


system corresponds to an 
increase in entropy. 


. At its sublimation 


temperature, dry ice hasa 
higher entropy than gaseous 
CO2 
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97. What is the heat change of 36.0 
g H20 at atmospheric pressure 
when its temperature is 
reduced from 125 °C to 40. °C? 
Use the following data: 


Values for water 


Heat capacity of solid | 37.6 J/mole°C 


Heat capacity of liquid} 75.3 J/mole°C 


Heat capacity of gas | 33.1 J/mole°C 


Heat of fusion 6.02 kJ/mol 


Heat of vaporization | 40.67 kJ/mol 


—92.0 kJ 
—10.8 kJ 
. 10.8 kJ 
. 92.0 kJ 


UOW>D 


98.What is the standard heat of 
combustion of CH,(g)? Use 
the following data: 


Standard heats of formation 


CH,(g) —74.8 kJ/mol 


CO,(g) -393.5 kJ/mol 


HO() -285.8 kJ/mol 


—890.3 kJ/mol 
—604.6 kJ/mol 
. —252.9 kJ/mol 
. —182.5 kJ/mol 


Jow 
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99. Which reaction creates 


products at a lower total 
entropy than the reactants? 


A. Dissolution of table salt: 
NaCl(s) > Na’ (aq) + Cl§(aq) 
B. Oxidation of iron: 
AFe(s) + 30,(g) > 2Fe,0,(s) 
C. Dissociation of ozone: 
0,(9) > 0,(g) + Og) 
D. Vaporization of butane: 
C,H,,(/) > C,H,,(9) 


100. Which statement about 


reactions is true? 


A. All spontaneous reactions are 
both exothermic and cause an 
increase in entropy. 

B. An endothermic reaction that 
increases the order of the 
system cannot be 
spontaneous. 

C. Areaction can be non- 
spontaneous in one direction 
and also non-spontaneous in 
the opposite direction. 

D. Melting snow is an exothermic 
process. 


101.10. kJ of heat are added to 


one kilogram of Iron at 10. °C. 
What is its final temperature? 
The specific heat of iron is 
0.45 Jige°C. 


. 22°C 
. 27°C 
. 32°C 
. 37 °C 


UOWD> 
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102. Which reaction is not a redox 
process? 


A. Combustion of octane: 
2C,H,, + 250, + 16CO, +18H,O 


8 18 


B. Depletion of a lithium battery: 
Li + MnO, > LiMnO, 


C. Corrosion of aluminum by 
acid: 
2Al+ 6HCI—> 2AICl, + 3H, 


D. Taking an antacid for 
heartburn: 


CaCO, + 2HCl— CaCl, +H,CO, 
> CaCl, + CO, + H,O 


103. Given the following heats of 
reaction: 


AH = -0.3 kJ / mol for 
Fe(s) + CO, (g) > FeO(s) + CO(g) 
AH = 5.7 kJ/mol for 
2Fe(s) + 3CO,(g) > Fe,O,(s) + 3CO(g) 
and AH = 4.5 kJ/ mol for 
3FeO(s) + CO,(g) > Fe,O0,(s) + CO(g) 


use Hess's Law to determine 
the heat of reaction for: 


3Fe,O,(s) + CO(g) > 2Fe,0,(s) + CO,(g) 


A. —10.8 kJ/mol 
B. —9.9 kJ/mol 
C. —9.0 kJ/mol 
D. —8.1 kJ/mol 
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104. What is the oxidant in the 
reaction: 


2H,S + SO, > 3S+2H,0? 


A. H2S 
B. SO2 
C. S 

D. H20 


105. Molten NaCl is subjected to 
electrolysis. What reaction 
takes place at the cathode? 


2CI (I) > Cl,(g)+2e° 
Cl,(g)+2e — 2C (/) 
Nat (+e > Na(l) 
Na* (P) > Na(l) + e~ 


00m > 


106. What is the purpose of the 
salt bridge in an 
electrochemical cell? 


A. To receive electrons from the 
oxidation half-reaction 

B. To relieve the buildup of 
positive charge in the anode 
half-cell 

C. To conduct electron flow 

D. To permit positive ions to flow 
from the cathode half-cell to 
the anode half-cell 
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107. Given: 
°=-2.37V for Mg”*(aq)+2e" 
—Mg(s) 
and 
E°=0.80 V for Ag’ (aq)+e 
—Ag(s), 
what is the standard potential 
of a voltaic cell composed of 
a piece of magnesium dipped 
in a 1 M Ag’ solution and a 
piece of silver dipped in 1 M 


Mg?*? 
A. 0.77V 
B. 1.57V 
C. 3.17V 
D. 3.97 V 
108 
CH3 
a ae 
ZA 2 
Hac we S 
M> | 
CH3 


A proper name for this 
hydrocarbon is: 


A. 4,5-dimethyl-6-hexene 
B. 2,3-dimethyl-1-hexene 
C. 4,5-dimethyl-6-hexyne 
D. 2-methyl-3-propyl-1-butene 
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109. An IUPAC approved name for 
this molecule is: 


A. butanal 
B. propanal 
C. butanoic acid 
D. propanoic acid 


110. Which molecule has a 


systematic name of methyl 
ethanoate? 
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111. 


C 
A 
0 on 


This compound contains an: 


A. alkene, carboxylic acid, ester, 
and ketone 

B. aldehyde, alkyne, ester, and 
ketone 

C. aldehyde, alkene, carboxylic 
acid, and ester 

D. acid anhydride, aldehyde, 
alkene, and amine 


112. Which group of scientists 
made contributions in the 
same area of chemistry? 


A. Volta, Kekulé, Faraday, 
London 

B. Hess, Joule, Kelvin, Gibbs 

C. Boyle, Charles, Arrhenius, 
Pauli 

D. Davy, Mendeleev, Ramsay, 
Galvani 
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113. Which of the following pairs 115. Classify these biochemicals. 
are isomers? ip NH2 
H3C H H3C CH3 "O—P=O 
b O ON SN 
L. N—N N—N l. 
/ \ i \ 
H CH3 H H 


lI. pentanal 2-pentanone 


III. Br 
pe oe wp | ot 
/ Nau HoCcl SCH 
Hoey c CH VC ee CY i Ho 
Hc | H ge i 
3 r HO H 
IV. \ H OH 
C—OH ~C—OH 
“| D | 
H3C 
A. | and IV 
B. Il and Ill 
C. 1, Il, and Ill 
D. I, I, HI, and IV 


114. Which instrument would be 
most useful for separating 
two different proteins froma 
mixture? 


A. UV/Vis spectrophotometer 
B. Mass spectrometer 

C. Gas chromatograph 

D. Liquid chromatograph 


A. l|-nucleotide, Il-sugar, IIl- 
peptide, |V-fat 

B. |-disaccharide, Il-sugar, Ill- 
fatty acid, IV-polypeptide 

C. I-disaccharide, Il-amino acid, 
Ill-fatty acid, IV- 
polysaccharide 

D. | l-nucleotide, Il-sugar, IIl- 
triacylglyceride, and IV-DNA 
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116. You create a solution of 
2.00 ug/ml of a pigment and 
divide the solution into 12 
samples. You give four 
samples each to three teams 
of students. They usea 
spectrophotometer to 
determine the pigment 
concentration. Here is their 
data: 

Concentration (ug/ml) 


sample|sample|sample|sample 
Team 1 2 3 4 


1 1.98 | 1.93 | 1.92 | 1.88 


2 1.70 | 1.72 | 1.69 | 1.70 


3 1.78 | 1.99 | 2.87 | 2.20 


Which of the following are 
true? 


A. Team 1 has the most precise 
data 

B. Team 3 has the most accurate 
data in spite of it having low 
precision 

C. The data from team 2 is 
characteristic of a systematic 
error 

D. The data from team 1 is more 
characteristic of random error 
than the data from team 3. 


117. Which pair of measurements 
have an identical meaning? 


A. 32 micrograms and 0.032 g 
B. 26 nm and 2.60x10® m 

C. 3.01x10” m° and 30.1 ml 
D. 0.0020 L and 20 cm? 
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118. Match the instrument with the 


quantity it measures 


ll. eudiometer 
lll. calorimeter 
IV. manometer 
V. hygrometer 


A. l-volume, Il-mass, III- 
radioactivity, IV-humidity 

B. l-volume, II-heat, lll-pressure, 
IV-humidity 

C. l-viscosity, Il-mass, Ill- 
pressure, IV-surface tension 

D. I-viscosity, Il-heat, 
Ill-radioactivity, |V-surface 
tension 


119. Four nearly identical gems 


from the same mineral are 
weighed using different 
balances. Their masses are: 


3.4533 g, 3.459 g, 3.4656 g, 3.464 g 


The four gems are then 
collected and added toa 
volumetric cylinder 
containing 10.00 ml of liquid, 
and a new volume of 14.97 ml 
is read. What is the average 
mass of the four stones and 
what is the density of the 
mineral? 


A. 3.460 g, and 2.78 g/ml 
B. 3.460 g and 2.79 g/ml 
C. 3.4605 g and 2.78 g/ml 
D. 3.461 g and 2.79 g/ml 
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120. Which list includes equipment 
that would not be used in 
vacuum filtration. 


A. 


B. 


C. 


D. 


Rubber tubing, Florence flask, 
Büchner funnel 

Vacuum pump, Hirsch funnel, 
rubber stopper with a single 
hole 

Aspirator, filter paper, filter 
flask 

Lab stand, clamp, filter trap 


121. Which of the following 
statements about lab safety is 
not true? 


A. 


B. 


Corrosive chemicals should 
be stored below eye level. 

A chemical splash on the eye 
or skin should be rinsed for 15 
minutes in cold water. 

MSDS means "Material Safety 
Data Sheet." 

A student should "stop, drop, 
and roll" if their clothing 
catches fire in the lab. 


122. Which of the following lists 
consists entirely of chemicals 
that are considered safe 
enough to be in a high school 
lab? 


A. 


hydrochloric acid, lauric acid, 
potassium permanganate, 
calcium hydroxide 


. ethyl ether, nitric acid, sodium 


benzoate, methanol 

cobalt (Il) sulfide, ethylene 
glycol, benzoyl peroxide, 
ammonium chloride 

picric acid, hydrofluoric acid, 
cadmium chloride, carbon 
disulfide. 


CHEMISTRY 


123. The following procedure was 
developed to find the specific 
heat capacity of metals: 


1. Place pieces of the metals 
in an ice-water bath so their 
initial temperature is 0 °C. 
Weigh a styrofoam cup. 
Add water at room 
temperature to the cup and 
weigh it again 

4. Add a cold metal from the 
bath to the cup and weigh 
the cup a third time. 

5. Monitor the temperature 
drop of the water until a 
final temperature at thermal 
equilibrium is found. 


WN 


is also required as 
additional information in order 
to obtain heat capacities for 
the metals. The best control 
would be to follow the same 
protocol except to use 
in step 4 instead of a cold 
metal. 


A. The heat capacity of water / a 
metal at 100 °C 

B. The heat of formation of water 
/ ice from the O °C bath 

C. The heat of capacity of ice / 
glass at 0 °C 

D. The heat capacity of water / 
water from the O °C bath 
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124. Which statement about the 
impact of chemistry on 
society is not true? 


A. Partial hydrogenation creates 
trans fat. 

B. The Haber Process 
incorporates nitrogen from the 
air into molecules for 
agricultural use. 

C. The CO- concentration in the 
atmosphere has decreased in 
the last ten years. 

D. The concentration of ozone- 
destroying chemicals in the 
stratosphere has decreased in 
the last ten years. 


125. Which statement about 
everyday applications of 
chemistry is true? 


A. Rainwater found near sources 
of air pollution will most likely 
be basic. 

B. Batteries run down more 
quickly at low temperatures 
because chemical reactions 
are proceeding more slowly. 

C. Benzyl alcohol is a detergent 
used in shampoo. 

D. Adding salt decreases the 
time required for water to boil. 
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Answer Key 


1. C 26. D 51. B 76. A 101. 
2. B 27. A 52. D 77. D 102. 
3. D 28. C 53. B 78. C 103. 
4. A 29. C 54. C 79. B 104. 
5. IC 30. B 55. D 80. A 105. 
6. D 31. A 56. A 81. D 106. 
7T. C 32. A 57. C 82. B 107. 
8. B 33. B 58. C 83. D 108. 
9. A 34. D 59. A 84. B 109. 
10. C 35. B 60. B 85. A 110. 
11. B 36. C 61. D 86. C 111. 
12. D 37. B 62. B 87. A 112. 
13. A 38. D 63. C 88. C 113. 
14. D 39. A 64. B 89. B 114. 
15. B 40. B 65. D 90. D 115. 
16. D 41. C 66. A 91. B 116. 
17. C 42. C 67. B 92. C 117. 
18. B 43. A 68. C 93. A 118. 
19. C 44. D 69. A 94. A 119. 
20. A 45. C 70. D 95. D 120. 
21. C 46. B 71. C 96. C 121. 
22. B 47. D 72. B 97. A 122. 
23. D 48. B 73. A 98. A 123. 
24. A 49. B 74. C 99. B 124. 
25. D 50. A 75. A 100. B 125. 
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Rationales with Sample Questions 


Note: The first insignificant digit should be carried through intermediate 
calculations. This digit is shown using italics in the solutions below. 


1. A piston compresses a gas at constant temperature. Which gas 
properties increase? 


ll. Average speed of molecules 
lll. Pressure 
IV. Molecular collisions with container walls per second 


A. | and Il 
B. | and Ill 
C. Il and Ill 
D. |, Il, and III 


C. A decrease in volume (V) occurs at constant temperature (T). Average 
molecular speed is determined only by temperature and will be constant. V 
and P are inversely related, so pressure will increase. With less wall area 
and at higher pressure, more collisions occur per second. 


2. The temperature of a liquid is raised at atmospheric pressure. Which 
liquid property increases? 


critical pressure 
vapor pressure 
surface tension 
viscosity 


GOD 


B. The critical pressure of a liquid is its vapor pressure at the critical temperature 
and is always a constant value. A rising temperature increases the kinetic 
energy of molecules and decreases the importance of intermolecular 
attraction. More molecules will be free to escape to the vapor phase (vapor 
pressure increases), but the effect of attractions at the liquid-gas interface will 
fall (surface tension decreases) and molecules will flow against each other 
more easily (viscosity decreases). 
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3. Potassium crystallizes with two atoms contained in each unit cell. What 
is the mass of potassium found in a lattice 1.00x10° unit cells wide, 
2.00x10° unit cells high, and 5.00x10° unit cells deep? 


A. 85.0 ng 
B. 32.5 ug 
C. 64.9 ug 
D. 130. ug 


D. First we find the number of unit cells in the lattice by multiplying the number in 
each row, stack, and column: 


1.00 x 10° unit cell lengths x 2.00 x 10° unit cell lengths x 5.00 x 10° unit cell lengths 
=1.00 x 10” unit cells 


Avogadro's number and the molecular weight of potassium (K) are used in the 
solution: 


1.00x10" unit cells x 2 atome of K r 1 mee of K s 39.098 g K 
unit cell 6.02x10°° atoms of K 1mole of K 
=1.30x10% g 
=130. ug 


4. Agas is heated in a sealed container. Which of the following occur? 


A. gas pressure rises 

B. gas density decreases 

C. the average distance between molecules increases 
D. all of the above 


A. The same material is kept in a constant volume, so neither density nor the 


distance between molecules will change. Pressure will rise because of 
increasing molecular kinetic energy impacting container walls. 
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5. How many molecules are in 2.20 pg of a protein with a molecular weight 
of 150. kDa? 


A. 8.83x10° 
B. 1.82x10° 
C. 8.83x10° 
D. 1.82x10° 


C. The prefix "p" for "pico-" indicates 10™%°. A kilodalton is 1000 atomic mass 
units. 
22 g 1 mole protein 6.02x10* molecules protein _ 


2.20 pg protein x 5 - 
1pg 150x10” g protein 1 mole protein 


= 8.83 x10° molecules 


6. At STP, 20. uL of O2 contain 5.4x101° molecules. According to 
Avogadro's hypothesis, how many molecules are in 20. uL of Ne at STP? 


5.4x107° 
1.0x107° 
2.7x107° 
5.4x10*° 


Jow 


D. Avogadro's hypothesis states that equal volumes of different gases at the 
same temperature and pressure contain equal numbers of molecules. 


7. An ideal gas at 50.0 °C and 3.00 atm is in a 300. cm° cylinder. The 
cylinder volume changes by moving a piston until the gas is at 50.0 °C 
and 1.00 atm. What is the final volume? 


A. 100. cm? 
B. 450. cm? 
C. 900. cm? 
D. 1.20 dm? 


C. A three-fold decrease in pressure of a constant quantity of gas at constant 
temperature will cause a three-fold increase in gas volume. 


CHEMISTRY 282 


TEACHER CERTIFICATION STUDY GUIDE 


8. Which gas law may be used to solve the previous question? 


A. Charles's law 

B. Boyle's law 

C. Graham's law 

D. Avogadro's law 


B. The inverse relationship between volume and pressure is Boyle's law. 


9. A blimp is filled with 5000. m° of helium at 28.0 °C and 99.7 kPa. What is 
the mass of helium used? 


J 
mol-K 


R = 8.3144 


797 kg 
810. kg 
1.99x10° kg 
8.57x10° kg 


GOD 


A. First the ideal gas law is manipulated to solve for moles. 
PV=nRT => n= a 
RT 
Temperature must be expressed in Kelvin: T = (28.0 + 273.15) K = 301.15 K. 
The ideal gas law is then used with the knowledge that joules are equivalent 
to Pa-m?: 


3 3 
coe (99.7 x10° Pa)(5000. m°) 


eee - =1.991x10° mol He. 
(asiaan Pa (301.15 K) 


mol- 

Moles are then converted to grams using the molecular weight of helium: 

4.0026 g He 
1 mol He 


1.991 x 10° mol He x = 797 x 10° g He = 797 kg He. 
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10. Which of the following are able to flow from one place to another? 


I. Gases 
ll. Liquids 
Ill. Solids 
IV. Supercritical fluids 


A. | and Il 

B. Il only 

C. I, Il, and IV 

D. 1, Il, Ill, and IV 


C. Gases and liquids both flow. Supercritical fluids have some traits in common 
with gases and some in common with liquids, and so they flow also. Solids 
have a fixed volume and shape. 


11. One mole of an ideal gas at STP occupies 22.4 L. At what temperature 
will one mole of an ideal gas at one atm occupy 31.0 L? 


A. 34.6 °C 
B. 105°C 
C. 378 °C 
D. 442°C 


B. Either Charles's law, the combined gas law, or the ideal gas law may be used 
with temperature in Kelvin. 


Charles's law or the combined gas law with P, = P, may be manipulated to 
equate a ratio between temperature and volume when P and n are constant. 


PV, PY. T T. T, 
Vet opaa => 422 5 T=V,+ 
1 T, V 2 V, 
273.15 K 
T, = 31.0 L————— = 378 K =105 °C. 
22.4 L 


The ideal gas law may also be used with the appropriate gas constant: 


PV=nRT > T- 
nR 
1 atm 31.0 L 
T= ( X ) = 378 K =105 °C. 
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12.Why does CaCl, have a higher normal melting point than NH3? 


A. 


London dispersion forces in CaCl; are stronger than covalent bonds in 
NH3. 


B. Covalent bonds in NH3 are stronger than dipole-dipole bonds in CaCl. 
C. 
D. lonic bonds in CaCl are stronger than hydrogen bonds in NH3. 


lonic bonds in CaClz are stronger than London dispersion forces in NH3. 


D. London dispersion forces are weaker than covalent bonds, eliminating choice 
A. A higher melting point will result from stronger intermolecular bonds, 
eliminating choice B. CaClz is an ionic solid resulting from a cation on the left 
and an anion on the right of the periodic table. The dominant attractive forces 
between NH3 molecules are hydrogen bonds. 


13. Which intermolecular attraction explains the following trend in straight- 
chain alkanes? 


Condensed structural Boiling 
formula point (°C) 

CH, -161.5 

CH3CH3 -88.6 

CH3CH2CH3 -42.1 

CH3CH2CH2CH3 -0.5 

CH3CH2CH2CH2CH3 36.0 

CH3CH2CH2CH2CH2CH3 68.7 


GOD 


London dispersion forces 
Dipole-dipole interactions 
Hydrogen bonding 
lon-induced dipole interactions 


A. Alkanes are composed entirely of non-polar C-C and C-H bonds, resulting in 
no dipole interactions or hydrogen bonding. London dispersion forces 
increase with the size of the molecule, resulting in a higher temperature 
requirement to break these bonds and a higher boiling point. 
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14. List NH3, PH3, MgClz, Ne, and Nz in order of increasing melting point. 


No < Ne < PH3 < NH3 < MgCl. 
No < NH3 < Ne < MgCl. < PH3 
Ne < No < NH3 < PH3 < MgCl. 
Ne < No < PH3 < NH3 < MgCl. 


TODD 


D. Higher melting points result from stronger intermolecular forces. MgClz is the 
only material listed with ionic bonds and will have the highest melting point. 
Dipole-dipole interactions are present in NH3 and PHg but not in Ne and No. 
Ne and N: are also small molecules expected to have very weak London 
dispersion forces and so will have lower melting points than NH3 and PHs. 
NH3 will have stronger intermolecular attractions and a higher melting point 
than PH3 because hydrogen bonding occurs in NH3. Ne has a molecular 
weight of 20 and a spherical shape and Nz has a molecular weight of 28 and 
is not spherical. Both of these factors predict stronger London dispersion 
forces and a higher melting point for Nz. Actual melting points are: Ne (25 K) 


15.1-butanol, ethanol, methanol, and 1-propanol are all liquids at room 
temperature. Rank them in order of increasing viscosity. 


1-butanol < 1-propanol < ethanol < methanol 
methanol < ethanol < 1-propanol < 1-butanol 
methanol < ethanol < 1-butanol < 1-propanol 
1-propanol < 1-butanol < ethanol < methanol 


Jow 


B. Higher viscosities result from stronger intermolecular attractive forces. The 
molecules listed are all alcohols with the -OH functional group attached to the 
end of a straight-chain alkane. In other words, they all have the formula 
CH3(CH2),.10H. The only difference between the molecules is the length of 
the alkane corresponding to the value of n. With all else identical, larger 
molecules have greater intermolecular attractive forces due to a greater 
molecular surface for the attractions. Therefore the viscosities are ranked: 
methanol (CH3OH) < ethanol (CH3CH2OH) < 1-propanol (CH3CH2CH20OH) < 
1-butanol (CH3CH2CH2CH204). 
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16.Which gas has a diffusion rate of 25% the rate for hydrogen? 


helium 
methane 
nitrogen 
oxygen 


TODD 


D. Graham's law of diffusion states: 


Ma 
M, 


material #1 and hydrogen for material/#2 in the equation for Graham's law, 


Hydrogen (H2) has molecular weight jint u. Using the unknown for 
the ratio of rates is: 


r 2.0158 u nae 
unknown — SSRN gici =0.25. Squaring both sides yields gaa ied = 0.0625. 
r 


hydrogen ' unknown unknown 


Solving for Munknown gives: 


ee 2.0158 u 394 
Rae 0.0625 


The given possibilities are: He (4.0 u), CH, (16 u), N2 (28 u), and Oz (32 u). 
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17.2.00 L of an unknown gas at 1500. mm Hg and a temperature of 25.0 °C 
weighs 7.52 g. Assuming the ideal gas equation, what is the molecular 
weight of the gas? 

760 mm Hg=1 atm 
R=0.08206 L-atm/(mol-K) 
A. 21.6 u 
B. 23.3 u 
C. 46.6 u 
D. 93.2 u 


C. Pressure and temperature must be expressed in the proper units. Next the 
ideal gas law is used to find the number of moles of gas. 


1 atm 


P =1500 mm Hg x ————— = 1.974 atm and T = 25.0 + 273.15 = 298.15 K 
760 mm Hg 
PV=nRT > n= ad 
RT 
(1.974 atm (2.00 L) 
| 0.08206 AM | (298.15 K) 
mol-K 


The molecular mass may be found from the mass of one mole. 


oe On peo = 466 
0.1613 mol mol 


18.Which substance is most likely to be a gas at STP? 
A. SeO> 

B. 

C. CaCl, 

D 

B. A gas at STP has a normal boiling point under 0 °C. The substance with the 
lowest boiling point will have the weakest intermolecular attractive forces and 
will be the most likely gas at STP. F2 has the lowest molecular weight, is not 
a salt, metal, or covalent network solid, and is non-polar, indicating the 


weakest intermolecular attractive forces of the four choices. F2 actually isa 
gas at STP, and the other three are solids. 
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19.What pressure is exerted by a mixture of 2.7 g of H2 and 59 g of Xe at 0 
°C ona 50. L container? 


A. 0.69 atm 
B. 0.76 atm 
C. 0.80 atm 
D. 0.97 atm 


C. Grams of gas are first converted to moles: 


1 mol H, 1 mol K, 
=1.33 mol H, and 59 g Xe x 


2.7 g H, x A 
2 x 1.0079 g H, 131.29 g H, 


= 0.449 mol Xe 


Dalton's law of partial pressures for an ideal gas is used to find the pressure 
of the mixture: 


PogV =(N,, +My. )RT >P, (Mn, + se RT 


total otal T V 
(1.33 mol +0.449 mol) 0.08206 Hatt )(273.15 K) 
Pa- — ~ ~ ~~ MK O80 atm. 


50. L 


20. A few minutes after opening a bottle of perfume, the scent is detected 
on the other side of the room. What law relates to this phenomenon? 


A. Graham's law 
B. Dalton's law 
C. Boyle's law 
D. Avogadro's law 


A. Graham's law describes the rate of diffusion (or effusion) of a gas, in this 
instance, the rate of diffusion of molecules in perfume vapor. 
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21.Which of the following statements are true of vapor pressure at 
equilibrium? 


A. Solids have no vapor pressure. 

B. Dissolving a solute in a liquid increases its vapor pressure. 

C. The vapor pressure of a pure substance is characteristic of that substance 
and its temperature. 

D. All of the above 


C. Only temperature and the identity of the substance determine vapor pressure. 
Solids have a vapor pressure, and solutes decrease vapor pressure. 


22.Find the partial pressure of N2 in a container holding H20 and N; at 150. 
kPa and 50 °C. The vapor pressure of H20 at 50 °C is 12 kPa. 


A. 12 kPa 
B. 138 kPa 
C. 162 kPa 
D. The value cannot be determined. 


B. The partial pressure of H2O vapor in the container is its vapor pressure. The 
partial pressure of Nz may be found by manipulating Dalton's law: 


Protal =Po +P, > Fy, = P otai -Pao 
Py = P ta -Po =150. kPa-12 kPa = 138 kPa 


23.The normal boiling point of water on the Kelvin scale is closest to: 


A. 112K 
B. 212 K 
C. 273K 
D. 373K 


D. Temperature in Kelvin are equal to Celsius temperatures plus 273.15. Since 
the normal boiling point of water is 100 °C, it will boil at 373.15 K, 
corresponding to answer D. 
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24.Which phase may be present at the triple point of a substance? 


l. Gas 

ll. Liquid 

Ill. Solid 

IV. Supercritical fluid 


A. |, Il, and Ill 

B. |, Il, and IV 

C. Il, Ill, and IV 
D. |, Il, Ill, and IV 


A. Gas, liquid and solid may exist together at the triple point. 


25.In the following phase diagram, occurs as P is decreased from 
A to B at constant T and occurs as T is increased from C to D at 
constant P. 


A. deposition, melting 
B. sublimation, melting 
C. deposition, vaporization 
D. sublimation, vaporization 


D. Point A is located in the solid phase, 
point C is located in the liquid phase. 
Points B and D are located in the 
gas phase. The transition from solid 
to gas is sublimation and the 
transition from liquid to gas is Temperature (T) 
vaporization. 


Pressure (P) 


26. Heat is added to a pure solid at its melting point until it all becomes 
liquid at its freezing point. Which of the following occur? 


A. Intermolecular attractions are weakened. 

B. The kinetic energy of the molecules does not change. 
C. The freedom of the molecules to move about increases. 
D. All of the above 


D. Intermolecular attractions are lessened during melting. This permits 


molecules to move about more freely, but there is no change in the kinetic 
energy of the molecules because the temperature has remained the same. 
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27.Which of the following occur when NaCl dissolves in water? 


A. Heat is required to break bonds in the NaCl crystal lattice. 

B. Heat is released when hydrogen bonds in water are broken. 

C. Heat is required to form bonds of hydration. 

D. The oxygen end of the water molecule is attracted to the CI ion. 


A. The lattice does break apart, H-bonds in water are broken, and bonds of 
hydration are formed, but the first and second process require heat while the 
third process releases heat. The oxygen end of the water molecule has a 
partial negative charge and is attracted to the Na” ion. 


28.The solubility of CoClz is 54 g per 100 g of ethanol. Three flasks each 
contain 100 g of ethanol. Flask #1 also contains 40 g CoCl2 in solution. 
Flask #2 contains 56 g CoCl, in solution. Flask #3 contains 5 g of solid 
CoCl, in equilibrium with 54 g CoCl, in solution. Which of the following 
describe the solutions present in the liquid phase of the flasks? 


A. #1-saturated, #2-supersaturated, #3-unsaturated. 

B. #1-unsaturated, #2-miscible, #3-saturated. 

C. #1-unsaturated, #2-supersaturated, #3-saturated. 

D. #1-unsaturated, #2-not at equilibrium, #3-miscible. 


C. Flask #1 contains less solute than the solubility limit, and is unsaturated. 
Flask #2 contains more solute than the solubility limit, and is supersaturated 
and also not at equilibrium. Flask #3 contains the solubility limit and is a 
saturated solution. The term "miscible" applies only to liquids that mix 
together in all proportions. 


29. The solubility at 1.0 atm of pure CO; in water at 25 °C is 0.034 M. 
According to Henry's law, what is the solubility at 4.0 atm of pure CO; in 
water at 25 °C? Assume no chemical reaction occurs between CO; and 
H20. 


A. 0.0085 M 
B. 0.034 M 
C. 0.14 M 
D. 0.25 M 


C. Henry's law states that COz solubility in M (mol/L) will be proportional to the 


partial pressure of the gas. A four-fold increase in pressure from 1.0 atm to 
4.0 atm will increase solubility four-fold from 0.034 M to 0.14 M. 
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30. Carbonated water is bottled at 25 °C under pure CO; at 4.0 atm. Later 


B. 


the bottle is opened at 4 °C under air at 1.0 atm that has a partial 
pressure of 3x107 atm CO>. Why do CO; bubbles form when the bottle 
is opened? 


A. CO: leaves the solution due to a drop in solubility at the lower total 
pressure. 

B. CQz leaves the solution due to a drop in solubility at the lower CO2 
pressure. 

C. CO: leaves the solution due to a drop in solubility at the lower 
temperature. 

D. CO: is formed by the decomposition of carbonic acid. 


A is incorrect because if the water were bottled under a different gas at a high 
pressure, it would not be carbonated. COz partial pressure is the important 
factor in solubility. C is incorrect because a decrease in temperature will 
increase solubility, and the chance from 298 K to 277 K is relatively small. D 
may occur, but this represents a small fraction of the gas released. 


31.When KNO; dissolves in water, the water grows slightly colder. An 


increase in temperature will the solubility of KNO3. 


A. increase 

B. decrease 

C. have no effect on 

D. have an unknown effect with the information given on 


. The decline in water temperature indicates that the net solution process is 


endothermic (requiring heat). A temperature increase supplying more heat 
will favor the solution and increase solubility according to Le Chatelier’s 
principle. 


32. An experiment requires 100. mL of a 0.500 M solution of MgBr2. How 


A. 


0.100 L solution x 


many grams of MgBrz will be present in this solution? 


A. 9.21g 
B. 11.7g 
C. 12.4g 
D. 15.6 g 


0.500 mol MgBr, (24.305 + 2 x 79.904) g MgBr, 
p N a x TS SS See 


= 9.21 g MgBr. 
L mol MgBr, Pe 
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33.500. mg of RbOH are added to 500. g of ethanol (C2H,O) resulting in 
395 mL of solution. Determine the molarity and molality of RbOH. 


A. 0.0124 M, 0.00488 m 
B. 0.0124 M, 0.00976 m 
C. 0.0223 M, 0.00488 m 
D. 0.0223 M, 0. 00976 m 


B. First we determine the moles of solute present: 
1 mol ROOH 


= 0.004879 mol RbOH. 
(85.468 + 15.999 + 1.0079) g RbOH 


0.500 g RbOH x 


This value is used to calculate molarity and molality: 
0.04879 mol ROH 
0.395 L solution 
and 
0.04879 mol RoOH 
0.500 kg ethanol 


= 0.0124 M RbOH 


= 0.00976 m RbOH. 
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34.20.0 g H3PO, in 1.5 L of solution are intended to react with KOH 
according to the following reaction: H,PO, +3 KOH > K PO, +3H,O. 
What is the molarity and normality of the H3PQO, solution? 


A. 0.41 M, 1.22 N 
B. 0.41 M, 0.20 N 
C. 0.14 M, 0.045 N 
D. 0.14 M, 0. 41 N 


D. We use two methods to solve this problem. In the first method, we determine 
the moles of solute present and use it to calculate molarity and normality: 


1 mol H,PO, 
(8 x 1.0079 + 30.974 + 4 x 15.999) g H,PO, 


0.204 mol H,PO, _ mol H,PO, 
1.5 L solution 


20.0 g H,PO, x =0.204 mol H,PO,. 


0.136 =0.14 M HPO, 


and 
0.204 mol H,PO, ? 3 reaction equivalents _ 
1.5 L solution 1 mol HPO, 


reaction equivalents 
0.408 £2 aes 


=0.41 N H,PO,. 


Alternatively, molarity may be found in one step and normality may be 
determined from the molarity: 
20.0 g H,PO, 1 mol H,PO, mol H,PO 


x =0. ee 
15L (3 x 1.0079 + 30.974 + 4 x 15.999) g H,PO, L =. 


and 


mol HPO, 3 reaction equivalents 


t reaction equivalents 
L 1 mol H,PO, 


0.136 = 0.408 =0.41N. 
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35. Aluminum sulfate is a strong electrolyte. What is the concentration of 
all species in a 0.2 M solution of aluminum sulfate? 


A. 0.2 M AI, 0.2 M SO,2- 
B. 0.4 M AI”, 0.6 MSO, 
C. 0.6 M Al**, 0.4 M SO,” 
D 


. 0.2 M Al, (SO, }, 


B. A strong electrolyte will completely ionize into its cation and anion. Aluminum 
sulfate is Al, (So, ). Each mole of aluminum sulfate ionizes into 2 moles of 
Al** and 3 moles of SO,” 


mol Al, (SO 3+ Be 
2 ( d 2 mol Al _ o4 MOLA 


L mol Al, (S0,) > L ae 
ru Al,(SO,), | 3molSO,* _ p ,mol SO,” 
L mol Al, (SO, } L 


36.15 g of formaldehyde (CH20) are dissolved in 100. g of water. Calculate 
the weight percentage and mole fraction of formaldehyde in the 
solution. 


13%, 0.090 
15%, 0.090 
13%, 0.083 
15%, 0.083 


GOD 


C. Remember to use the total amounts in the denominator. 


15 g CH,O 
—____——__ 2 = 0.13 =13%. 
(15 +100) g total 
For mole fraction, first convert grams of each substance to moles: 


For weight percentage: 


mol CH,O 
15 g CH,O x 2 -0.4996 mol CH,O 
(12.011+2 x 1.0079+15.999) g CH,O 
mol H,O 
100 g H,O x 2 = 5.551 mol H,O. 


(2 x 1.0079+15.999) g H,O 


; 0.4996 mol CH,O 
Again use the total amount in the denominator = 0.083 


(0.4996 +5.551) mol total `` 
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37.Which of the following would make the best solvent for Br2? 


A. H20 
B. CS» 
C. NH3 
D. molten NaCl 


B. The best solvents for a solute have intermolecular bonds of similar strength to 
the solute (“like dissolves like”). Bromine is a non-polar molecule with 
intermolecular attractions due to weak London dispersion forces. The 
relatively strong hydrogen bonding in HzO and NH3 and the very strong 
electrostatic attractions in molten NaCl would make each of them a poor 
solvent for Br2 because these molecules would prefer to remain attracted to 
one another. CS: is a fairly small non-polar molecule. 


38.Which of the following is most likely to dissolve in water? 


A. H2 
B. CCl, 

C. (SiOs)n 
D. CHOH 


D. The best solutes for a solvent have intermolecular bonds of similar strength to 
the solvent. H2O molecules are connected by fairly strong hydrogen bonds. 
H2 and CCl, are molecules with intermolecular attractions due to weak 
London dispersion forces. (SiOz), is a covalent network solid and is 
essentially one large molecule with bonds that much stronger than hydrogen 
bonds. CH3OH (methanol) is miscible with water because it contains 
hydrogen bonds between molecules. 


39.Which of the following is not a colligative property? 


A. Viscosity lowering 

B. Freezing point lowering 
C. Boiling point elevation 
D. Vapor pressure lowering 


A. Vapor pressure lowering, boiling point elevation, and freezing point lowering 
may all be visualized as a result of solute particles interfering with the 
interface between phases in a consistent way. This is not the case for 
viscosity. 
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40. BaCl, (aq) + Na,SO, (aq) — BaSO,(s) + 2NaCl(aq) is an example of a 
reaction. 


acid-base 
precipitation 
redox 
nuclear 


TOD 


B. BaSO, falls out of the solution as a precipitate, but the charges on Ba** and 
SO,” remain unchanged, so this is not a redox reaction. Neither BaClz nor 
Na2SO, are acids or bases, and the nuclei involved also remain unaltered 


41.List the following aqueous solutions in order of increasing boiling point. 


I. 0.050 m AlCl; 
Il. 0.080 m Ba(NO, ), 


Ill. 0.090 m NaCl 
IV. 0.12 m ethylene glycol (C2H602) 


> 


| < I< HI < IV 
B. I< IIlh<IV<Il 
C. IV<II<I<Il 
D. IV<Ill<Il<!| 


C. Particles in solution determine colligative properties. The first three materials 
are strong electrolyte salts, and C2H60O2 is a non-electrolyte. 


mol AICI, X 4 mol particles 
kg H,O mol AICI, 
mol Ba(NO;), 3 mol particles 


AICI, (aq) is AI*+3 Cl’. So 0.050 = 0.200 m particles 


Ba(NO, ), (aq) is Ba**+2 NO,. So 0.080 = 0.240 m particles 


kg H,O mol Ba(NO, ), 
NaCitaq) is Na‘+cr. So 0.090 MOlNac!, 2 mol particles _ d 160 m particles 
kg H,O mol NaCl 
C,H,O,(aq) is not an electrolyte. So 0.12 MOG Hee pe mOl paiolgs = 0.12 m particles 
kg H,O mol C,H,O, 


The greater the number of dissolved particles, the greater the boiling point 
elevation. 
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42.Osmotic pressure is the pressure required to prevent flowing 
from low to high concentration across a semipermeable 
membrane. 


solute, solute 
solute, solvent 
solvent, solute 
solvent, solvent 


TODD 


C. Osmotic pressure is the pressure required to prevent osmosis, which is the 
flow of solvent across the membrane from low to high solute concentration. 
This is also the direction from high to low solvent concentration. 
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43.A solution of NaCl in water is heated on a mountain in an open 
container until it boils at 100. °C. The air pressure on the mountain is 
0.92 atm. According to Raoult's law, what mole fraction of Na” and CI" 
are present in the solution? 


A. 0.04 Nat, 0.04 CI 
B. 0.08 Na’, 0.08 Cr 
C. 0.46 Na’, 0.46 Cr 
D. 0.92 Nat, 0.92 Cr 


A. The vapor pressure of H20 at 100. °C is exactly 1 atm. Boiling point 
decreases with external pressure, so the boiling point of pure H20 at 0.9 atm 
will be less than 100. °C. Adding salt raises the boiling point at 0.92 atm to 
100. °C by decreasing vapor pressure to 0.92 atm. According to Raoult's law: 

vapor 
H _ solution 
> (mole fraction) i 


olvent vapor 
pure solvent 


_ 0.92 atm at 100. °C -0.92 mol H,O 


HO 1.0 atm at 100. °C ~ mol total ` 


piper — pvapor (mole fraction) 
Si 


solution pure solvent olveni 


Therefore, (mole fraction) 


The remaining 0.08 mole fraction of solute is evenly divided between the two 
ions: 


mol solute particles 


(mole fraction) =1-(mole fraction). =1- 0.92 = 0.08 


solute H,O mol total 
. mol solute particles 1 mol Na mol Na* 
(mole fraction), _. = 0.08 p - = 0.04 ——_— 
na mol total 2 mol solute particles mol total 
f mol solute particles 1 mol CF mol CF 
(mole fraction) = 0.08 HOSOI PANSES, ee —_—_—_ 


gir mol total 2 mol solute particles ` mol total’ 
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44.Write a balanced nuclear equation for the emission of an alpha particle 


by polonium-209. 


79Po—> Pb +4He 
7°Po—> SBi +4He 
209 209 0 
g4 O > ag At +e 


209 205 4 
ag O > PD +,He 


Topp 


. The periodic table before skill 1.1 shows that polonium has an atomic number 


of 84. The emission of an alpha particle, 4He (eliminating choice C), will 


leave an atom with an atomic number of 82 and a mass number of 205 
(eliminating choice A). The periodic table identifies this element as lead, 


“Pb , not bismuth (eliminating choice B). 


45.Write a balanced nuclear equation for the decay of calcium-45 to 


46. 


scandium-45. 

45 41 4 
„Ca > igo +,He 
45 0 45 
„Ca +e => 51 OC 


45 45 0 
„Ca > 51 OC +e 


Topp 


45 0 45 
„Ca +p> ale 


. All four choices are balanced mathematically. "A" leaves scandium-41 as a 


decay product, not scandium-45. "B" and "D" require the addition of particles 
not normally present in the atom. If these reactions do occur, they are not 
decay reactions because they are not spontaneous. "C" involves the common 
decay mechanism of beta emission. 


SH decays with a half-life of 12 years. 3.0 g of pure SH were placed ina 
sealed container 24 years ago. How many grams of SH remain? 


0.38 g 
0.75g 
1.5g 
3.0g 


TODD 


. Every 12 years, the amount remaining is cut in half. After 12 years, 1.5 g will 


remain. After another 12 years, 0.75 g will remain. 
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47.Oxygen-15 has a half-life of 122 seconds. What percentage of a sample 
of oxygen-15 has decayed after 300. seconds? 


18.2% 
21.3% 
78.7% 
81.8% 


TOD 


D. We may assume a convenient number (like 100.0 g) for a sample size. The 


amount remaining may be found from: 
t 


L /thaitive 
Aor E eee ng 
remaining initially 2 
300. seconds 


~100.0 g O Ge sond 218.2 g O 


We are asked to determine the percentage that has decayed. This will be 
100.0 g — 18.2 g = 81.8 g or 81.8% of the initial sample. 
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48.Which of the following isotopes is commonly used for medical imaging 
in the diagnose of diseases? 


cobalt-60 
technetium-99m 
tin-117m 
plutonium-238 


Jow 


B. The other three isotopes have limited medical applications (tin-117m has 
been used for the relief of bone cancer pain), but only Tc-99m is used 
routinely for imaging. 


49.Carbon-14 dating would be useful in obtaining the age of which object? 


a 20" century Picasso painting 
a mummy from ancient Egypt 
a dinosaur fossil 

all of the above 


Jow» 


B. C-14 is used in archeology because its half-life is 5730 years. Too little C-14 
would have decayed from the painting and nearly all of the C-14 would have 
decayed from the fossil. In both cases, an estimate of age would be 
impossible with this isotope. 
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50. Which of the following isotopes can create a chain reaction of nuclear 
fission? 


A. uranium-235 
B. uranium-238 
C. plutonium-238 
D. all of the above 


A. Uranium-235 and plutonium-239 are the two fissile isotopes used for nuclear 
power. °°°U is the most common uranium isotope. Pu is used as a heat 
source for energy in space probes and some pacemakers. 


51.List the following scientists in chronological order from earliest to most 
recent with respect to their most significant contribution to atomic 
theory: 


I. John Dalton 

ll. Niels Bohr 

Ill. J. J. Thomson 

IV. Ernest Rutherford 


A. I, Ill, Il, IV 
B. |, Ill, IV, Il 
C. I, IV, Ill, H 
D. Ill, I, H, IV 


B. Dalton founded modern atomic theory. J.J. Thomson determined that the 
electron is a subatomic particle but he placed it in the center of the atom. 
Rutherford discovered that electrons surround a small dense nucleus. Bohr 
determined that electrons may only occupy discrete positions around the 
nucleus. 
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52.Match the theory with the scientist who first proposed it: 


I. Electrons, atoms, and all objects with momentum also exist as 
waves. 

ll. Electron density may be accurately described by a single 
mathematical equation. 

lll. There is an inherent indeterminacy in the position and momentum of 
particles. 

IV. Radiant energy is transferred between particles in exact multiples of 
a discrete unit. 


l-de Broglie, Il-Planck, IIl-Schrddinger, IV-Thomson 
I-Dalton, II-Bohr, IIl-Planck, IV-de Broglie 

I-Henry, Il-Bohr, IIl-Heisenberg, IV-Schrédinger 

l-de Broglie, Il-Schrédinger, IIl-Heisenberg, IV-Planck 


Iowy 


D. Henry's law relates gas partial pressure to liquid solubility. 
53.How many neutrons are in %®Co? 


. 21 
. 33 
. 60 
. 87 


0UONW>Y 


B. The number of neutrons is found by subtracting the atomic number (27) from 
the mass number (60). 


54. The terrestrial composition of an element is: 50.7% as an isotope with 
an atomic mass of 78.9 u and 49.3% as an isotope with an atomic mass 
of 80.9 u. Both isotopes are stable. Calculate the atomic mass of the 
element. 


79.0 uU 
79.8 u 
79.9 U 
80.8 u 


Jow 


Atomic mass of element = (Fraction as 1* isotope) (Atomic mass of 1° isotope) 
+ 


(Fraction as 2™ isotope) (Atomic mass of 2" isotope) 
= (0.507) (78.9 u) + (0.493) (80.9 u) = 79.89 u = 79.9 u 
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55. Which of the following is a correct electron arrangement for oxygen? 


ad AU AHU 


1s 


B. 1s*1p*2s¢2p* 
C. 2,2,4 
D. none of the above 


D. Choice A violates Hund's rule. The two electrons on the far right should 
occupy the final two orbitals. B should be 1s*2s*2p*. There is no 1p subshell. 
C should be 2, 6. Number lists indicate electrons in shells. 


56. Which of the following statements about radiant energy is not true? 


A. The energy change of an electron transition is directly proportional to the 
wavelength of the emitted or absorbed photon. 

B. The energy of an electron in a hydrogen atom depends only on the 
principle quantum number. 

C. The frequency of photons striking a metal determines whether the 
photoelectric effect will occur. 

D. The frequency of a wave of electromagnetic radiation is inversely 
proportional to its wavelength. 


A. The energy change (AE) is inversely proportional to the wavelength (4) of the 
photon according the equations: 
ee 
A 
where h is Planck’s constant and c is the speed of light. 


Choice B is true for hydrogen. Atoms with more than one electron are more 
complex. The frequency of individual photons, not the number of photons 
determines whether the photoelectric effect occurs, so choice C is true. 
Choice D is true. The proportionality constant is the speed of light according 
to the equation: 

V= 


£ 
z 
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57.Match the orbital diagram for the ground state of carbon with the 
rule/principle it violates: 


1s 
1s 
1s 


v 7 NAE 
1s 


A. l-Pauli exclusion, Il-Aufbau, Ill-no violation, IV-Hund's 
B. l-Aufbau, Il-Pauli exclusion, Ill-no violation, IV-Hund's 
C. l-Hund's, Il-no violation, Ill-Pauli exclusion, IV-Aufbau 
D. l-Hund's, Il-no violation, IIl-Aufbau, IV-Pauli exclusion 


C. Diagram I violates Hund's rule because a second electron is added to a 
degenerate orbital before all orbitals in the subshell have one electron. 
Diagram III violates the Pauli exclusion principle because both electrons in 
the 2s orbital have the same spin. They would have the same 4 quantum 
numbers. Diagram IV violates the Aufbau principle because an electron 
occupies the higher energy 2p orbital before 2s orbital has been filled; this 
configuration is not at the ground state. 


58. Select the list of atoms that are arranged in order of increasing size. 
A. Mg, Na, Si, Cl 
B. Si, Cl, Mg, Na 
C. Cl, Si, Mg, Na 
D. Na, Mg, Si, Cl 


C. These atoms are all in the same row of the periodic table. Size increases 
further to the left for atoms in the same row. 
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59. Based on trends in the periodic table, which of the following properties 
would you expect to be greater for Rb than for K? 


I. Density 

ll. Melting point 

lll. lonization energy 

IV. Oxidation number in a compound with chlorine 


A. | only 

B. |, Il, and Ill 

C. Il and Ill 

D. I, Il, Ill, and IV 


A. Rb is underneath K in the alkali metal column (group 1) of the periodic table. 
There is a general trend for density to increase lower on the table for 
elements in the same row, so we select choice I. Rb and K experience 
metallic bonds for intermolecular forces and the strength of metallic bonds 
decreases for larger atoms further down the periodic table resulting in a lower 
melting point for Rb, so we do not choose II. lonization energy decreases for 
larger atoms further down the periodic table, so we do not choose Ill. Both 
Rb and K would be expected to have a charge of +1 and therefore an 
oxidation number of +1 in a compound with chlorine, so we do not choose IV. 


60. Which oxide forms the strongest acid in water? 


A. AlzO3 
B. Cl207 
C. AS205 
D. CO2 


B. The strength of acids formed from oxides increases with electronegativity and 
with oxidation state. We know CI has a greater electronegativity than Al, As, 
and C because it is closer to the top right of the periodic table. The oxidation 
numbers of our choices are +3 for Al, +7 for CI, +5 for As, and +4 for C. Both 
its electronegativity and its oxidation state indicate Cl2O7 will form the 
strongest acid. 
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61. Rank the following bonds from least to most polar: 
C-H, C-Cl, H-H, C-F 


C-H < H-H < C-F < C-Cl 
H-H < C-H < C-F < C-Cl 
C-F < C-Cl < C-H < H-H 
H-H < C-H < C-Cl < C-F 


TODD 


D. Bonds between atoms of the same element are completely non-polar, so H-H 
is the least polar bond in the list, eliminating choices A and C. The C-H bond 
is considered to be non-polar even though the electrons of the bond are 
slightly unequally shared. C-Cl and C-F are both polar covalent bonds, but C- 
F is more strongly polar because F has a greater electronegativity. 


62. At room temperature, CaBrz is expected to be: 


a ductile solid 
a brittle solid 
a soft solid 

a gas 


Iowy» 


B. Ca is a metal because it is on the left of the periodic table, and Br is a non- 
metal because it is on the right. The compound they form together will be an 
ionic salt, and ionic salts are brittle solids (choice B) at room temperature. 
NaCl is another example. 


63.Which of the following is a proper Lewis dot structure of CHCIO? 


: 70; Š :0: z O A G 
H™ti: tHE CI Hci: H “oy 


C. C has 4 valence shell electrons, H has 1, Cl has 7, and O has 6. The 
molecule has a total of 18 valence shell electrons. This eliminates choice B 
which has 24. Choice B is also incorrect because has an octet around a 
hydrogen atom instead of 2 electrons and because there are only six 
electrons surrounding the central carbon. A single bond connecting all atoms 
would give choice A. This is incorrect because there are only 6 electrons 
surrounding the central carbon. A double bond between C and O gives the 
correct answer, C. A double bond between C and O and also between C and 
Cl would give choice D. This is incorrect because there are 10 electrons 
surrounding the central carbon. 
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64.In C2H2, each carbon atom contains the following valence orbitals: 


s j A sp hybrids aoe 
2s 2p 


C. p and sp* hybrids 
D. sp? hybrids only 
promotion 

B. An isolated C has the valence electron 

configuration 2s?2p*. Before bonding, one s 

electron is promoted to an empty p orbital. In 

C2H2, each C atom bonds to 2 other atoms. 25 2p 

Bonding to two other atoms is achieved by 

combination into two p orbitals and two sp b gum 

hybrids. R 
combination 


Bonds to 2 atoms 


65. Which statement about molecular structures is false? 


H 
H2C. C ; ; 
Se S is a conjugated molecule. 
H 


B. A bonding o orbital connects two atoms by the straight line between them. 
C. A bonding zorbital connects two atoms in a separate region from the 
straight line between them. 
D. The anion with resonance forms H 
will always exist in one form or the other. |:o Q 


D. A conjugated molecule is a molecule with double bonds on adjacent atoms 
such as the molecule shown in A. Choice B and C give the definition of 
sigma and pi molecular orbitals. D is false because a resonance form is one 
of multiple equivalent Lewis structures, but these structures do not describe 
the actual state of the molecule. The anion will exist in a state between the 
two forms. 
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66. What is the shape of the PH; molecule? Use the VSEPR model. 


A. Trigonal pyramidal 
B. Trigonal bipyramidal 
C. Trigonal planar 
D. Tetrahedral 
aise H——P—H 
A. The Lewis structure for PH3 is given to the right. This structure | 
contains 4 electron pairs around the central atom, so the 
geometral arrangement is tetrahedral. However, the shape of 
oe a molecule is given by its atom locations, and there are only 
three atoms so choice D is not correct. Four electrons pairs 
with one unshared pair (3 bonds and one lone pair) give a 
aN trigonal pyramidal shape as shown to the left. 


H 
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67.What is the chemical composition of magnesium nitrate? 


A. 11.1% Mg, 22.2% N, 66.7% O 
B. 16.4% Mg, 18.9% N, 64.7% O 
C. 20.9% Mg, 24.1% N, 55.0% O 
D. 28.2% Mg, 16.2% N, 55.7% O 


B. First find the formula for magnesium nitrate. Mg is an alkali earth metal (Skill 
3.1) and will always have a 2+ charge. The nitrate ion is NO3 (Skill 5.2). 
Two nitrate ions are required for each Mg” ion. Therefore the formula is 
Mg(NOsz)2 


Skill 5.1 describes determination chemical composition. 
1) Determine the number of atoms for elemen in Mg(NO3)2: 1 Mg, 2 N, 
6 O. 
2) Multiply by the molecular weight of the elements to determine the 
grams of each in one mole of the formula. 
1 mol Mg 24.3 9M9 _ 5,3 


mol Mg(NO,), mol Mg 
2(14.0)= 28.0 g N/mol Mg(NO,), 
6 (16.0 )= 96.0 g O/mol Mg(NO,), 


3) Determine formula mass 148.3 g Mg(NO,), /mol Mg(NO.), 
4) Divide to determine % composition 


_ 24.3 g Mg/mol Mg(NO,), 
~ 148.3 g Mg(NO,), /mol Mg(NO,), 


28.0 96.0 
%N= x 100% = 18.9% %O= 
148.3 148.3 


g Mg/mol Mg(NO,), 


= 0.164 g Mg/g Mg(NO,), x 100% = 16.4% 


x 100% = 64.7% 


Answer A is the fractional representation of the presence of each atom in the 
formula. Composition is based on mass percentage. Answer C is the 
chemical composition of Mg(NOz)2, magnesium nitrite. Answer D is the 
chemical composition of "MgNO3", a formula that results from not balancing 
charges. 
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68. The IUPAC name for Cu2SQ3 is: 


A. Dicopper sulfur trioxide 
B. Copper (Il) sulfate 
C. Copper (I) sulfite 
D. Copper (Il) sulfite 


C. Cu2SQOz3 is an ionic compound containing copper cation and the SO; anion. 
Choice A is wrong because it uses the naming system for molecular 
compounds. The SO; anion is 2— and is named sulfite. It takes two copper 
cations in to neutralize this charge, so Cu has a charge of 1+, and the name 
is copper (I) sulfite. 


69.Which name or formula is not represented properly? 


Cl4S 

KCIO3 

. Calcium dihydrogen phosphate 
. Sulfurous acid 


Jow 


A A is the answer because the atoms in the sulfur tetrachloride molecule are 
placed in order of increasing electronegativity. This formla is properly written 
as SCl,. B is a proper formula for potassium chlorate. Calcium dihydrogen 
phosphate is Ca(H2P0O4)2. It derives its name from the Ca% cation in 
combination with an anion composed of a phosphate anion (PO,4®) that is 
doubly protonated to give a HPO; ion. Sulfurous acid is H2SO2(aq). 


70.Household "chlorine bleach" is sodium hypochlorite. Which of the 
following best represent the production of sodium hypochlorite, sodium 
chloride, and water by bubbling chlorine gas through aqueous sodium 
hydroxide? 


ACI(g) + 4NaOH(aq) > NaClO, (aq) + 3NaCl(aq) + 2H,O(/) 
2Cl, (g) + 4NaOH(aq) > NaClO, (aq) + 3NaCl(aq) + 2H,O(/) 
2Cl(g) + 2NaOH(aq) > NaCclO(aq) + NaCl(aq) + H,O(/) 
. Cl,(g) + Z2NaOH(aq) > NaClO(aq) + NaCl(aq) + H,O(/) 


90M > 


D. Chlorine gas is a diatomic molecule, eliminating choices A and C. The 
hypochlorite ion is ClO” eliminating choices A and B. All of the equations are 
properly balanced. 
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71. Balance the equation for the neutralization reaction between phosphoric 
acid and calcium hydroxide by filling in the blank stoichiometric 
coefficients. 


__H,PO,+__ Ca(OH), > __Ca,(PO,), +__H,O 


NNNSA 
Rw WW 
PRRP 
NO os 


TOM> 


C. We are given the unbalanced equation (step 1). 


Next we determine the number of atoms on each side (step 2). For reactants 
(left of the arrow): 5H, 1P, 60, and 1Ca. For products: 2H, 2P, 90, and 3Ca. 


We assume that the molecule with the most atoms—i.e. Ca3(PO.)2—has a 
coefficient of one, and find the other coefficients required to have the same 
number of atoms on each side of the equation (step 3). Assuming Cas3(PO.)z2 
has a coefficient of one means that there will be 3 Ca and 2 P on the right 
because H20 has no Ca or P. A balanced equation would also have 3 Ca 
and 2 P on the left. This is achieved with a coefficient of 2 for HPO; and 3 
for Ca(OH)2. Now we have: 

2H,PO, + 3Ca(OH), —> Ca,(PO,), + ?H,O 


The coefficient for H20 is found by a balance on H or on O. Whichever one is 
chosen, the other atom should be checked to confirm that a balance actually 
occurs. For H, there are 6 H from 2H3PO, and 6 from 3Ca(OH), for a total of 
12 Hon the left. There must be 12 H on the right for balance. None are 
accounted for by Ca3(PO.)2, so all 12 H must occur on H20. Ithasa 
coefficient of 6. 

2H,PO, + 3Ca(OH), —> Ca,(PO,), + 6H,O 


This is choice C, but if time is available, it is best to check that the remaining 
atom is balanced. There are 8 O from 2H3PO, and 6 from 3Ca(OH), for a 
total of 14 on the left, and 8 O from Ca3(PO,)2 and 6 from 6H20 for a total of 
14 on the right. The equation is balanced. 


Mulitplication by a whole number (step 4) is not required because the 
stoichiometric coefficients from step 3 already are whole numbers. 


An alternative method would be to try the coefficients given for answer A, 
answer B, etc. until we recognize a properly balanced equation. 
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72.Write an equation showing the reaction between calcium nitrate and 


lithium sulfate in aqueous solution. Include all products. 


CaNO, (aq) + Li,SO,(aq) > CaSO, (s) + Li, NO, (aq) 
Ca(NO,)., (aq) + Li,SO,(aq) > CaSO, (s) + 2LiNO, (aq) 
Ca(NO,). (aq) + Li,SO,(aq) —> 2LiINO,(s) + CaSO, (aq) 


909 > 


. When two ionic compounds are in solution, a precipitation reaction should be 
considered. We can determine from their names that the two reactants are 
the ionic compounds Ca(NOs3)2 and LizSO,. The compounds are present in 
aqueous solution as their four component ions Ca, NOJ, Li’, and SO,”. 
Solubility rules indicate that nitrates are always soluble but sulfate will form a 
solid precipitate with Ca** forming CaSO,(s). Choice A results from assuming 
that the nitrate anion has a 2— charge instead of its 1— charge. B is correct. 

C assumes lithium nitrate is the precipitate. Choice D includes the reverse of 
a neutralization reaction. Water would not decompose due to the addition of 
these salts. 


73.Find the mass of CO- produced by the combustion of 15 kg of isopropyl 


alcohol in the reaction: 
2C,H_OH+ 90, —> 6CO, +8H,O 
A. 33 kg 
B. 44 kg 
C. 50 kg 
D. 60 kg 


Remember "grams to moles to moles to grams." Step 1 converts mass to 
moles for the known value. In this case, kg and kmol are used. Step 2 
relates moles of the known value to moles of the unknown value by their 
stoichiometry coefficients. Step 3 converts moles off the unknown value to a 
mass. 


step 1 step 2 step 3 
1 mol C,H,O X 6 mol CO, x 449 CO, 
60gC,H,O 2molC,H,0 1mol CO, 


15x10° g C,H,Ox = 33x10° g CO, 


=33 kg CO, 
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74.What is the density of nitrogen gas at STP? Assume an ideal gas anda 
value of 0.08206 L-atm/(mol-K) for the gas constant. 


0.62 g/L 
1.14 g/L 
1.25 g/L 
2.03 g/L 


GOD 


C The molecular mass M of N2 is 28.0 g/mol. 


(1 aim)( 28.09) 


_ nM _ PM _ 
)(27345 K) 


SEM -1.258 
V RT í Latm L 


0.08206 
molk 


Choice A results from forgetting that nitrogen is a diatomic gas. Choice B 
results from using a value of 25 °C for standard temperature. This is the 
thermodynamic standard temperature, but not STP. 


A faster method is to recall that one mole of an ideal gas at STP occupies 
22.4 L. 


M (in $) 28.0 
mol _ 


d (in a = a mol -1.258 
22.4 — 22.4 — 
mol mol 


75.Find the volume of methane that will produce 12 m° of hydrogen in the 
reaction: CH,(g) +H,O(g) > CO(g) +3H,(g) . Assume temperature and 
pressure remain constant. 


A. 4.0 m° 
B. 32m° 
C. 36 mê 
D. 64 m? 


A Stoichiometric coefficients may be used directly for ideal gas volumes at 
constant T and P because of Avogadro's Law. 
3 1m? CH, 
3 
2 


12 g of H2 will be produced from 32 g of CH; (incorrect choice B). 


=4.0 m? CH, 
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76.A 100. L vessel of pure O- at 500. kPa and 20. °C is used for the 
combustion of butane: 


2C,H,, +130, > 8CO, +10H,O. 


Find the mass of butane to consume all the O; in the vessel. Assume O2 
is an ideal gas and use a value of R = 8.314 J/(moleK). 


A. 183g 
B. 467g 
C. 1.83 kg 
D. 7.75 kg 


A Weare given a volume and asked for amass. The steps will be "volume to 
moles to moles to mass." 


"Volume to moles..." requires the ideal gas law, but first several units must be 
altered. 

Units of joules are identical to m**Pa. 

500 kPa is 500x10° Pa. 

100 L is 0.100 m°. 

20 °C is 293.15 K. 
PV = nRT is rearranged to give: 


3 3 
4a PY (500 10° Pa)(0.100 m° O,) EE 


RT 3 
(8.314 i Pa (293.15 K) 
molK 


"...to moles to mass" utilizes stoichiometry. The molecular weight of butane 
is 58.1 u. 


2molC,H,, 58.19 C,H,, 


20.51 mol O, x x 
13 molO, 1molC,H,, 


=183 g C,H,, 
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77.Consider the reaction between iron and hydrogen chloride gas: 
Fe(s) + 2HCI(g) > FeCl,(s) +H,(g) . 


7 moles of iron and 10 moles of HCI react until the limiting reagent is 
consumed. Which statements are true? 


I. HCl is the excess reagent 

ll. HCl is the limiting reagent 

lll. 7 moles of H2 are produced 

IV. 2 moles of the excess reagent remain 


A. | and Ill 
B. | and IV 
C. Il and Ill 
D. Il and IV 


D The limiting reagent is found by dividing the number of moles of each reactant 
by its stoichiometric coefficient. The lowest result is the limiting reagent. 


1 mol reaction 


7 mol Fe x ———————— = 7 mol reaction if Fe is limiting 
1 mol Fe 
1 mol reaction ee beet tad ci 
10 mol HCI x meat 5 mol reaction if HCI is limiting. 
2 mol HCI 


Therefore, HCI is the limiting reagent (II is true) and Fe is the excess reagent. 


5 moles of the reaction take place, so 5 moles of H2 are produced, and of the 
7 moles of Fe supplied, 5 are consumed, leaving 2 moles of the excess 
reagent (IV is true). 
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78.32.0 g of hydrogen and 32.0 grams of oxygen react to form water until 
the limiting reagent is consumed. What is present in the vessel after the 
reaction is complete? 


A. 16.0 g O2 and 48.0 g H20 
B. 24.0 g H2 and 40.0 g H20 
C. 28.0 g H2 and 36.0 g H2O 
D. 28.0 g H2 and 34.0 g H20 


C First the equation must be constructed: 
2H, + O, > 2H,O 


A fast and intuitive solution would be to recognize that: 

1) One mole of H2 is about 2.0 g, so about 16 moles of H2 are present. 

2) One mole of O2 is 32.0 g, so one mole of is O2 is present 

3) Imagine the 16 moles of H2 reacting with one mole of O2. 2 moles of H2 
will be consumed before the one mole of O2 is gone. O2 is limiting. 
(Eliminate choice A.) 

4) 16 moles less 2 leaves 14 moles of H2 or about 28 g. (Eliminate choice B.) 

5) The reaction began with 64.0 g total. Conservation of mass for chemical 
reactions forces the total final mass to be 64.0 g also. (Eliminate choice 
D.) 


A more standard solution is presented next. First, mass is converted to 
moles: 


1 mol H 1 mol O 
4-=15.87 molH, and 32.0 g O, x —————#- 


32.0 g H, x —— 
2.016 g H, 32.00 g O, 


=1.000 mol O, 

Dividing by stoichiometric coefficients give 

1 mol reaction 
2 mol K, 


1 mol reaction 
1mol O, 


15.87 mol H, x = 7.935 mol reaction if H, is limiting 


1.000 mol O, x 


= 1.000 mol reaction if O, is limiting. 


Oz is the limiting reagent, so no O2 will remain in the vessel. 


2 mol H,O produced 18.016 g H,O 


1.000 mol O, consumed x x = 36.0 g H,O produced 
1 mol O, 1 mol H,O 
2 mol H, consumed 2.016 g H, 
1.000 mol O, consumed x x = 4.03 g H, consumed 
1 mol O, 1mol H, 


Remaining H2 is found from: 
32.0 g Hz initially — 4.03 g H2 consumed =28.0 g H2 remain. 
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79. Three experiments were performed at the same initial temperature and 
pressure to determine the rate of the reaction 


2ClO,(g) +F, (g) > 2CI0,F(g). 


Results are shown in the table below. Concentrations are given in 
millimoles per liter (mM). 


Exp.| Initial | Initial Initial rate of 
[ClO2] | [F2] [ClO>F] increase 
(mM) | (mM) (mM/sec) 
1 5.0 5.0 0.63 
2 5.0 20 2.5 
3 10 10 2.5 


What is the rate law for this reaction? 


Rate =k|F, | 
Rate = k| ClO, ||F, | 


I 0 wp 


| 
Rate = k| CIO „TTF a 
| 


Rate = k[ Clo, |[F, | 


B A four-fold increase in [F2] at constant [ClO2] between experiment one and 
two caused a four-fold increase in rate. Rate is therefore proportional to [F2] 
at constant [ClO,], eliminating choice D (Choice D predicts rate to increase by 
a factor of 16). 


Between experiment 1 and 3, [F2] and [ClO] both double in value. Once 
again, there is a four-fold increase in rate. If rate were only dependent on [F2] 
(choice A), there would be a two-fold increase. The correct answer, B, 
attributes a two-fold increase in rate to the doubling of [F2] and a two-fold 
increase to the doubling of [ClO2], resulting in a net four-fold increase. 

Choice C predicts a rate increase by a factor of 8. 


If this were an elementary reaction describing a collision event between three 


molecules, choice C would be expected, but stoichiometry cannot be used to 
predict a rate law. 
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80. The reaction 
(CH,),CBr(aq) + OH (aq) > (CH,), COH(aq) + Br“ (aq) 
occurs in three elementary steps: 
(CH,),CBr — (CH,),C* +Br is slow 


(CH,),C* + H,O —> (CH,),COH,,” is fast 
(CH,),COH,” + OH — (CH,),COH + H,O is fast 
What is the rate law for this reaction? 


Rate = k | (CH,),CBr | 


Rate =k [ OH | 
Rate = k[(CH,),CBr]| OH | 


I O ® > 


l 
Rate =k [(CH,),CBr | 


A The first step will be rate-limiting. It will determine the rate for the entire 
reaction because it is slower than the other steps. This step is a unimolecular 
process with the rate given by answer A. Choice C would be correct if the 
reaction as a whole were one elementary step instead of three, but the 
stoichiometry of a reaction composed of multiple elementary steps cannot be 
used to predict a rate law. 


81.Which statement about equilibrium is not true? 


A. Equilibrium shifts to minimize the impact of changes. 

B. Forward and reverse reactions have equal rates at equilibrium. 

C. Aclosed container of air and water is at a vapor-liquid equilibrium if the 
humidity is constant. 

D. The equilibrium between solid and dissolved forms is maintained when 
salt is added to an unsaturated solution. 


D Choice A is a restatement of Le Chatelier's Principle. B is a definition of 
equilibrium. A constant humidity (Choice C) occurs if the rate of vaporization 
and condensation are equal, indicating equilibrium. No solid is present in an 
unsaturated solution. If solid is added, all of it dissolves indicating a lack of 
equilibrium. D would be true for a saturated soution. 
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Which statements about reaction rates are true? 


I. A catalyst will shift an equilibrium to favor product formation. 

ll. Catalysts increase the rate of forward and reverse reactions. 

lll. A greater temperature increases the chance that a molecular 
collision will overcome a reaction's activation energy. 

IV. A catalytic converter contains a homogeneous catalyst. 


A. | and Il 

B. Il and Ill 

C. Il, Ill and IV 
D. 1, Ill, and IV 


Catalysts provide an alternate mechanism in both directions, but do not alter 
equilibrium (I is false, Il is true). The kinetic energy of molecules increases 

with temperature, so the energy of their collisions increases also (III is true). 

Catalytic converters contain a heterogeneous catalyst (IV is false). 


Write the equilibrium expression Keg for the reaction 
CO,(9)+H,(g)') CO(g)+H,O(/) 


|CO]|H,0 | 
2 
[Co, |[H, | 
(co, |[H, | 
[CO }LH,0 | 
[CO }LH,0 | 
[co, |[H, | 
[co] 
[co; |[H, | 
Product concentrations are multiplied together in the numerator and reactant 
concentrations in the denominator, eliminating choice B. The stoichiometric 
coefficient of H2 is one, eliminating choice A. For heterogeneous reactions, 


concentrations of pure liquids or solids are absent from the expression 
because they are constant, eliminating choice C. D is correct. 
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84.What could cause this change in the energy diagram of a reaction? 


I 
—p> = 


Reaction pathway—> Reaction pathway 


Energy 
Energ 


A. Adding catalyst to an endothermic reaction 

B. Removing catalyst from an endothermic reaction 
C. Adding catalyst to an exothermic reaction 

D. Removing catalyst from an exothermic reaction 


B The products at the end of the reaction pathway are at a greater energy than 
the reactants, so the reaction is endothermic (narrowing down the answer to 
Aor B). The maximum height on the diagram corresponds to activation 
energy. An increase in activation energy could be caused by removing a 
heterogeneous catalyst. 


85.BaSO, (Ksp = 1X10°*°) is added to pure H20. How much is dissolved in 
1 L of saturated solution? 


A. 2mg 
B. 10 ug 
C. 2 ug 
D. 100 pg 


A BaSO,(s)0 Ba**(aq)+SO,* (aq), therefore: K,, = [ Ba** || S0, |]. 


In a saturated solution: | Ba |=| SO,” |= 1x10 =1x10" M. 

The mass in one liter is found from the molarity: 

xpos mo! Ba*™ or SO,” _Lmol dissolved BaSO, | (137+32+4x16)g BaSO, 
L 1 mol Ba®™ or SO,” 1 mol BaSO, 


= 0.002 7 BaSO, x1L solution x 002 9 _ 2 mg Baso, 
g 
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86. The exothermic reaction 2NO(g)+Br,(g){) 2NOBr(g) is at equilibrium. 
According to LeChatelier's principle: 


A. Adding Brz will increase [NO]. 

B. An increase in container volume (with T constant) will increase [NOBr]. 
C. An increase in pressure (with T constant) will increase [NOBr]. 

D. An increase in temperature (with P constant) will increase [NOBr]. 


C LeChatelier's principle predicts that equilibrium will shift to partially offset any 
change. Adding Brz will be partially offset by reducing [Br2] and [NO] via a 
shift to the right (not choice A). For the remaining possibilities, we may write 
the reaction as: 3 moles) 2 moles + heat. An increase in container volume 
will decrease pressure. This change will be partially offset by increasing the 
number of moles present, shifting the reaction to the left (not choice B). An 
increase in pressure will be offset by a decrease the number of moles 
present, shifting the reaction to the right (choice C, correct). Raising the 
temperature by adding heat will shift the reaction to the left (not choice D). 


87.At a certain temperature, T, the equilibrium constant for the reaction 
2NO(g)U N,(g)+O,(g) is Keg = 2X10°. Ifa 1.0 L container at this 


temperature contains 90 mM Nz, 20 mM Oz, and 5 mM NO, what will 
occur? 


A. The reaction will make more N and Oo. 

B. The reaction is at equilibrium. 

C. The reaction will make more NO. 

D. The temperature, T, is required to solve this problem. 


A Calculate the reaction quotient at the actual conditions: 


N, || O 0.090 M 0.020 M 
_[N:J[0.] _ (0.090 mYo.020M)__, 
[NO | (0.005 M) 
This value is less than Keg: 72 < 2X10°, therefore Q < Keg. To achieve 
equilibrium, the numerator of Q must be larger relative to the denominator. 


This occurs when products turn into reactants. Therefore NO will react to 
make more N- and Oo. 
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88. Which statement about acids and bases is not true? 


A. All strong acids ionize in water. 

B. All Lewis acids accept an electron pair. 

C. All Bransted bases use OH as a proton acceptor. 
D. All Arrhenius acids form H* ions in water. 


C Choice A is the definition of a strong acid, choice B is the definition of a Lewis 
acid, and choice D is the definition of an Arrhenius acid. By definition, all 
Arrhenius bases form OH ions in water, and all Bransted bases are proton 
acceptors. But not all Bronsted bases use OH as a proton acceptor. NH3 is 
a Bronsted base for example. 


89. Which of the following are listed from weakest to strongest acid? 


H2SO3, H2SeO3, H2TeO3 
HBrO, HBrO>, HBrO3, HBrO, 
HI, HBr, HCI, HF 

H3POx., H2PO., HPO,” 


TOD 


B The electronegativity of the central atom decreases from S to Se to Te as 
period number increases in the same periodic table group. The acidity of the 
oxide also decreases. Choice B is correct because acid strength increases 
with the oxidation state of the central atom. C is wrong because HI, HBr, and 
HCI are all strong acids but HF is a weak acid. D is wrong because acid 
strength is greater for polyprotic acids. 
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90. NH4F is dissolved in water. Which of the following are conjugate 
acid/base pairs present in the solution? 


I. NH,*/NH,OH 
ll. HFIF- 

Ill. H30*/H2O 
IV. H2O/OH7 


A. |, Il, and Ill 
B. 1, Ill, and IV 
C. Il and IV 

D. Il, Ill, and IV 


D NH: is soluble in water and completely dissociates to NH, and F~. F isa 
weak base with HF as its conjugate acid (II). NH,’ is a weak acid with NH3 as 
its conjugate base. A conjugate acid/base pair must have the form HX/X 
(where X is one lower charge than HX). NH,*/NH,OH (I) is not a conjugate 
acid/base pair, eliminating choice A and B. H30°/H2O and H2O0/OH (Ill and 
IV) are always present in water and in all aqueous solutions as conjugate 
acid/base pairs. All of the following equilibrium reactions occur in NH4F(aq): 


NH, (aq) +OH (aq) NH,(aq) +H,O(/) 
F (aq)+H,O*(aq)0  HF(aq) +H,O(/) 
2H,O(!) 1 +H,O*(aq) + OH (aq) 


91. What are the pH and the pOH of 0.010 M HNO.(aq)? 


. PH = 1.0, pOH = 9.0 
. PH = 2.0, pOH = 12.0 
. PH = 2.0, pOH = 8.0 
. PH = 8.0, pOH = 6.0 


0UONW>Y 


B HNOs is a strong acid, so it completely dissociates: 
[H* |= 0.010 M=1.0x107 M. 


pH = —log,, [H] =-log,, (1.0 x 10° )- 2.0 (choices B or C). 
From pH+pOH=14: pOH =12.0 (choice B). 
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92. What is the pH of a buffer made of 0.128 M sodium formate (HCOONa) 
and 0.072 M formic acid (HCOOH)? The pK, of formic acid is 3.75. 


A. 2.0 
B. 3.0 
C. 4.0 
D. 5.0 


C From the pKa, we may find the Ka of formic acid: 
Kaio S107.” 1:78 10" 


This is the equilibrium constant: 


[H ][Hco0] ath ees 
K, === _ = 1.78 x10 for the dissociation: 
[HCOOH] 
HCOOH H*+HCOO-. 


The pH is found by solving for the H* concentration: 


[H* |=K, eet (1.78107) oO <1 0x10 M 
[HCOO: | 0.128 


pH = —log,, | H* | =—log,, (1.010 *) = 4.0 (choice C) 


93.A sample of 50.0 ml KOH is titrated with 0.100 M HCIO,. The initial buret 
reading is 1.6 ml and the reading at the endpoint is 22.4 ml. What is 
[KOH]? 


A. 0.0416 M 
B. 0.0481 M 
C. 0.0832 M 
D. 0.0962 M 


A HCIO; and KOH are both strong electrolytes. If you are good at memorizing 
formulas, solve the problem this way: 


C emi (Vinar =V nitiar ) _ 0.100 M (22.4 ml—1.6 ml) 
unknown ~~ V = 50.0 mil 


unknown 


The problem may also be solved by finding the moles of known substance: 


0.100 T! x __ 14 
L 1000 mL 


= 0.0416 M. 


x (22.4 mL -1.6 mL )= 0.00208 mol HCIO, 


This will neutralize 0.00208 mol KOH, and eb020e ino! = 0.0416 M 
0.0500 L 


CHEMISTRY 327 


TEACHER CERTIFICATION STUDY GUIDE 


94. Rank the following from lowest to highest pH. Assume a small volume 
for the added component: 


I. 0.01 mol HCI added to 1 L H20 

Il. 0.01 mol HI added to 1 L of an acetic acid/sodium acetate solution at 
pH 4.0 

Ill. 0.01 mol NH}; added to 1 L H2O 

IV. 0.1 mol HNO; added to 1 L of a 0.1 M Ca(OH), solution 


A. I< I< III < IV 
B. I< I< IV < IlI 
C. I< 1< I< IV 
D. II<[<IV< Ill 


A HCIis a strong acid. Therefore solution | has a pH of 2 because 
pH = —log,, [H] =-—log,, (0.01)= 2. 


HI is also a strong acid and would have a pH of 2 at this concentration in 
water, but the buffer will prevent pH from dropping this low. Solution II will 
have a pH above 2 and below 4, eliminating choices C and D. 


If a strong base were in solution IIl, its pOH would be 2. Using the equation 
pH + pOH = 14, its pH would be 12. Because NH3 is a weak base, the pH of 
solution III will be greater than 7 and less than 12. 


A neutralization reaction occurs in solution IV between 0.1 mol of H* from the 
strong acid HNO3 and 0.2 mol of OH from the strong base Ca(OH)2. Each 
mole of Ca(OH)2 contributes two base equivalents for the neutralization 
reaction. The base is the excess reagent, and 0.1 mol of OH remain after the 
reaction. This resulting solution will have a pOH of 1 and a pH of 13. 


A is correct because: 2 < between 2 and 4 < betweeen 7 and 12 < 13 
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95. The curve below resulted from the titration of a — witha 
_ titrant. 
13 
A. weak acid, strong base 
B. weak base, strong acid 11 
C. strong acid, strong base 
D. strong base, strong acid 9 


D The pH is above 7 initially and 


decreases, so an acid titrant is y 
neutralizing a base. This 

eliminates A and C. The 5 
maximum slope (equivalence 

point) at the neutral pH of 7 3 
indicates a strong base titrated 

with a strong acid, D. 1 


Volume added => 


96.Which statement about thermochemistry is true? 


A. Particles in a system move about less freely at high entropy 

B. Water at 100 °C has the same internal energy as water vapor at 100°C 

C. A decrease in the order of a system corresponds to an increase in 
entropy. 

D. At its sublimation temperature, dry ice has a higher entropy than gaseous 
COz 


C At high entropy, particles have a large freedom of molecular motion (A is 
false). Water and water vapor at 100 °C contain the same translational kinetic 
energy, but water vapor has additional internal energy in the form of resisting 
the intermolecular attractions between molecules (B is false). We also know 
water vapor has a higher internal energy because heat must be added to boil 
water. Entropy may be thought of as the disorder in a system (C is correct). 
Sublimation is the phase change from solid to gas, and there is less freedom 
of motion for particles in solids than in gases. Solid CO2 (dry ice) has a lower 
entropy than gaseous CO, because entropy decreases during a phase 
change that prevents molecular motion (D is false). 
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97.What is the heat change of 36.0 g H20 at atmospheric pressure when its 
temperature is reduced from 125 °C to 40. °C? Use the following data: 


A. —92.0 kJ Values for water 
B. —10.8 kJ PN ean La eee I ae ae ee 
C. 10.8kJ Heat capacity of solid 37.6 J/mole°C 
D. 92.0 kJ Heat capacity of liquid | 75.3 J/mol*°C 
A Heat is evolved from the substance Heat capacity of gas | 33.1 J/mol+°C 
ee cools ‘RO ihe heat change will Heat of fusion 6.02 kJ/mol 
be negative, eliminating choices C 
and D. Data in the table are given Heat of vaporization 40.67 kJ/mol 


using moles, so the first step is to 
convert the mass of water to moles: 


1 mol H,O 
18.02 g H,O 
There are three contributions to the heat evolved. First, the heat evolved 


when cooling the vapor from 125 °C to 100 °C is found from the heat capacity 
of the gas: 


q, =nNxCx AT = 2.00 mol H,O(g) x 33.1 


36.0 g H,O x = 2.00 mol H,O 


x (100 °C —125 °C) 
mol °C 


=-—1655 J to cool vapor 


Next, the heat evolved during condensation is found from the heat of 
vaporization: 


q, =n x(—AH ) = 2.00 mol H,O x (—40.67 <) 
mo 


vaporization 


= -81.34 kJ to condense vapor 


Incorrect answer B results from using a heat of vaporization of 40.67 J/mol 
instead of kJ/mol. 


Finally, the heat evolved when cooling the liquid from 100 °C to 40 °C is found 
from the heat capacity of the liquid: 


q, =nxCxAT =2.00 mol H,O(g)x 75.3 x(40 °C -100 °C) 


mol °C 
= —9036 J to cool liquid 
The total heat change is the sum of these contributions: 
q=4,+q,+q, =—1.655 kJ+(-81.34 kJ) + (-9.036 kJ) = -92.03 kJ 


= —92.0 kJ (Choice A) 
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98.What is the standard heat of combustion of CH,(g)? Use the following 
data: 


Standard heats of formation 


A. —890.3 kJ/mol eS ee ee ee 

B. —604.5 kJ/mol CH.(g) -74.8 kJ/mol 

C. —252.9 kJ/mol 

D. —182.5 kJ/mol CO2(g) -393.5 kJ/mol 
H2O0()) -285.8 kJ/mol 


A First we must write a balanced equation for the combustion of CH,. The 
balanced equation is: 
CH,(g) + 20,(g) > CO,(g) + 2H,O(/). 
The heat of combustion may be found from the sum of the productions minus 
the sum of the reactants of the heats of formation: 
AH, =H +H +...-(H 


rxn product 1 product2 © °°" 


+H + 


= AH; (CO,) + 2AH; (H,O) - (aH; (CH,)+2AH, (0,)] 

The heat of formation of an element in its most stable form is zero by 

definition, so AHO, (9)) =0 <, and the remaining values are found from 

the table: 

AH, = -393.5 KI , o7-285.8 KJ ) i waa K +20) - -890.3 < (choice A) 
mol mol mol mol 


99. Which reaction creates products at a lower total entropy than the 
reactants? 


A. Dissolution of table salt: NaCl(s) — Na’ (aq) + CF (aq) 
B. Oxidation of iron: 4Fe(s) + 30,(g) > 2Fe,O, (S) 

C. Dissociation of ozone: O, (g) > O,(g) + Og) 

D. Vaporization of butane: C,H,,(/) > C,H,,(9) 


B Choice A is incorrect because two particles are at a greater entropy than one 
and because ions in solution have more freedom of motion than a solid. For 
B (the correct answer), the products are at a lower entropy than the reactants 
because there are fewer product molecules and they are all in the solid form 
but one of the reactants is a gas. Reaction B is still spontaneous because it 
is highly exothermic. For C, there are more product molecules than 
reactants, and for D, the gas phase is always at a higher entropy than the 
liquid. 
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100. Which statement about reactions is true? 


A. All spontaneous reactions are both exothermic and cause an increase in 
entropy. 

B. An endothermic reaction that increases the order of the system cannot be 
spontaneous. 

C. Areaction can be non-spontaneous in one direction and also non- 
spontaneous in the opposite direction. 

D. Melting snow is an exothermic process 


B All reactions that are both exothermic and cause an increase in entropy will 
be spontaneous, but the converse (choice A) is not true. Some spontaneous 
reactions are exothermic but decrease entropy and some are endothermic 
and increase entropy. Choice B is correct. The reverse reaction of a non- 
spontaneous reaction (choice C) will be spontaneous. Melting snow (choice 
D) requires heat. Therefore it is an endothermic process 
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101.10. kJ of heat are added to one kilogram of Iron at 10. °C. What is its 
final temperature? The specific heat of iron is 0.45 J/ge°C. 


A. 22°C 
B. 27°C 
C. 32°C 
D. 37°C 
C The expression for heat as a function of temperature change: 
q=nxCxAT 
may be rearranged to solve for the temperature change: 
Ape. 
nxC 
In this case, n is a mass and C is the specific heat of iron: 
AT = 10999 J =22 9C. 
1000 gx0.45 
g °C 


This is not the final temperature (choice A is incorrect). It is the temperature 
difference between the initial and final temperature. 
AT =T ina T iniia = 22 °C 
Solving for the final temperature gives us: 
Taa =AT +T aa = 22 °C +10 °C = 32 °C (Choice C) 


final initial 
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102. Which reaction is not a redox process? 


Combustion of octane: 2C.H,, + 250, > 16CO, + 18H,O 


8 18 
Depletion of a lithium battery: Lit MnO, > LiMnO, 
Corrosion of aluminum by acid: 2Al+ 6HCI— 2AlCl, + 3H, 
Taking an antacid for heartburn: 
CaCO, + 2HCl— CaCl, +H,CO, — CaCl, +CO, +H,O 


90 9 > 


D The oxidation state of atoms is altered in a redox process. During 
combustion (choice A), the carbon atoms are oxidized from an oxidation 
number of —4 to +4. Oxygen atoms are reduced from an oxidation number of 
0 to —2. All batteries (choice B) generate electricity by forcing electrons from 
a redox process through a circuit. Li is oxidized from O in the metal to +1 in 
the LiMnOzgsalt. Mn is reduced from +4 in manganese(IV) oxide to +3 in 
lithium manganese(III) oxide salt. Corrosion (choice C) is due to oxidation. Al 
is oxidized from O to +3. H is reduced from +1 to 0. Acid-base neutralization 
(choice D) transfers a proton (an H atom with an oxidation state of +1) from 
an acid to abase. The oxidation state of all atoms remains unchanged (Ca at 
+2, C at +4, O at -2, H at +1, and Cl at —1), so Dis correct. Note that choices 
C and D both involve an acid. The availability of electrons in aluminum metal 
favors electron transfer but the availability of CO3* as a proton acceptor 
favors proton transfer. 


CHEMISTRY 334 


TEACHER CERTIFICATION STUDY GUIDE 


103. Given the following heats of reaction: 
AH = -0.3 kJ / mol for Fe(s) + CO, (g)  FeO(s) + CO(g) 


AH = 5.7 kJ/mol for 2Fe(s) + 3CO,(g) > Fe,0,(s) + 3CO(g) 
and AH = 4.5 kJ/mol for 3FeO(s)+CO,(g)— Fe,O,(s)+CO(g) 


use Hess's Law to determine the heat of reaction for: 
3Fe,0,(s) + CO(g) > 2Fe,0,(s) + CO, (g)? 


A. —10.8 kJ/mol 
B. —9.9 kJ/mol 
C. —9.0 kJ/mol 
D. —8.1 kJ/mol 


B Weare interested in 3Fe2,03 as a reactant. Only the second reaction contains 
this molecule, so we will take three times the opposite of the second reaction. 
We are interested in 2Fe30, as a product, so we will take two times the third 
reaction. An intermediate result is: 


3Fe,0,(s) + 9CO(g) > 6Fe(s) + 9CO,(g) AH = -3 x 5.7 kJ/mol = —17.1 kJ/mol 
6FeO(s) + 2CO,(g) > 2Fe,0,(s) + 2CO(g) AH = 2 x 4.5 kJ/mol = 9.0 kJ/mol 


3Fe,O, (s) + 6FeO(s) + 7CO(g) > 


AH = (-17.1+ 9.0) kJ/mol = -8.1 kJ/mol 
2Fe,O,(s) + 6Fe(s) + 7CO,(g) 


However, D is not the correct answer because it is not AH for the reaction of 
the problem statement. We may use six times the first reaction to eliminate 
both FeO and Fe from the intermediate result and obtain the reaction of 
interest: 


3Fe,O,(s) + 6FeO(s) + 7CO(g) > 
2Fe,O,(s) + 6Fe(s) + 7CO,(g) 
6Fe(s) + 6CO,(g) > 6FeO(s)+6CO(g) AH = 6 x (-0.3 kJ/mol) = -1.8 kJ/mol 


AH = -8.1 kJ/mol 


AH = (-8.1+ —1.8) kJ/mol 


3Fe,O,(S) + CO(g) > 2Fe,O,(s)+ CO 
20,(S) (9) 30,(S) (9) = —9.9 kJ/mol (choice B) 
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104. What is the oxidant in the reaction: 2H,S + SO, >3S+ 2H,O ? 


B The S atom in H2S has an oxidation number of —2 and is oxidized by SOz (the 
oxidant, choice B) to elemental sulfer (oxidation number = 0). The S atom in 
SO> has an oxidation number of +4 and is reduced. The two half-reactions 
are: 


SO, +424 ant eaucton 6 2H. 
pp g- ONGANON 2 oS cna oan 


105. Molten NaCl is subjected to electrolysis. What reaction takes place at 
the cathode? 


2CI (I) > Cl,(g)+2e° 
Cl,(g)+2e° > 2CI(/) 
Nat (+e > Na(l) 
Na+ (P) > Na(l) + e~ 


90M > 


C Reduction (choices B and C) always occurs at the cathode. Molten NaCl is 
composed of ions in liquid form before electrolysis (answer C). A and D are 
oxidation reactions, and D is also not properly balanced because a +1 charge 
is on the left and a —1 charge is on the right. The two half-reactions are: 


Na*(/) +e- reduction at cathode Nai!) 


2Cr (I) oxidation at anode Cl (g) + 267 


The net reaction is: 


2NaCl(/)—> 2Na(/) + CI, (g) 
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106. What is the purpose of the salt bridge in a voltaic cell? 


To receive electrons from the oxidation half-reaction 

To relieve the buildup of positive charge in the anode half-cell 

To conduct electron flow 

To permit positive ions to flow from the cathode half-cell to the anode half- 
cell 


GOD 


D The anode receives electrons from the oxidation half-reaction (choice A) and 
the circuit conducts electron flow (choice C) to the cathode which supplies 
electrons for the reduction half-reaction. This flow of electrons from the 
anode to the cathode is relieved by a flow of ions through the salt bridge from 
the cathode to the anode (answer D). The salt bridge relieves the buildup of 
positive charge in the cathode half-cell (choice B is incorrect). 
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107. Given E°=-2.37 V for Mg**(aq)+2e >Mg(s) and E°=0.80 V for Ag*(aq)+e” 
—Ag(s), what is the standard potential of a voltaic cell composed of a 
piece of magnesium dipped in a 1 M Ag* solution and a piece of silver 
dipped in 1 M Mg”? 


0.77 V 
1.57 V 
3.17 V 
3.97 V 


TODD 


C Ag'(aq)+e —>Ag(s) has a larger value for E? (reduction potential) than 
Mg**(aq)+2e >Mg(s). Therefore, in the cell described, reduction will occur at 
the Ag electrode and it will be the cathode. Using the equation: 


E? =E cathode) -E anode) , we obtain: 


cell 


E? =0.80 V - (-2.37 V) = 3.17 V (Answer C). 


cell 
Choice D results from the incorrect assumption that electrode potentials 


depend on the amount of material present. The balanced net reaction for the 
cell is: 


Mg(s) > Mg” (aq) + 2e7 E? =2.37 V 
2Ag'`(aq)+2e7 — 2Ag(s) E° , = 0.80 V (not 1.60 V) 


Mg(s)+ 2Ag'(aq)—> 2Ag(s)+Mg” (aq) E% 


cell 


= 3.17 V (not 3.97 V) 
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108. A proper name for this hydrocarbon is: CH3 


A. 4,5-dimethyl-6-hexene 


B. 2,3-dimethyl-1-hexene j Pa a wae 
C. 4,5-dimethyl-6-hexyne 3 Ñ, 
D. 2-methyl-3-propyl-1-butene | 
CH3 
B The hydrocarbon contains a double bond and no triple bonds, so it is an 
CH3 alkene. Choice C describes an alkyne. 
= The longest carbon chain is six carbons 


long, corresponding to a parent molecule of 

1-hexene (circled to the left). Choice D is 

an improper name because it names the 

molecule as a substituted butane, using a 

CH3 shorter chain as the parent molecule. 

Finally, the lowest possible set of locant numbers must be used. Choice A is 
an improper name because the larger possible set of locant numbers is 
chosen. 


109. An IUPAC approved name for this molecule 


is: O 

A. butanal n ll 

B. propanal Hac Ne Noy 
C. butanoic acid H2 

D. propanoic acid 


C The COOH group means that the molecule is a carboxylic acid and its name 
will use the suffix —oic acid. The presence of 4 carbon atoms means the 
prefix butan- will be used. An alternate name for the molecule is butyric acid. 
Choices A and B would be used for aldehydes (CHO group). Choices B and 
D would be used for 3 carbon atoms: 


H2 H 
C C 
butanal (also called butyraldehyde): Hc Der So 
2 
H3C g 
propanal (also called propionaldehyde): 3 eS 
H2 1 
propanoic acid (also called propionic acid): Pe As 3 
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110. Which molecule has a systematic name of methyl ethanoate? 


i 

| H 

i C CH; a G C. 
Hce “Oo No cu, 

O O 

z l CH y | | 

3 

Hee eX S0 HE 


A The suffix —oate is used for esters. The ester group is shown to || 
the right. Choice C is a ketone (ethyl methyl ketone or 2- ene „R1 
‘0: butanone). The ketone group is shown to the R2 O 
|| left. Choice D is an acid anhydride (ethanoic 
methanoic anhydride). The acid anhydride group is shown 
R a pe below to the right. A and B are both O: :0: 

1 2 esters. The hydrocarbon Rz with the ] Il 
carbonyl group receives the —oate suffix and the C C 
hydrocarbon R1 with the -y/ suffix is attached to the R we Nom NR 
other oxygen. Choice B is ethyl methanoate and A $ os 2 
is correct. 
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111. This compound contains an: O 


alkene, carboxylic acid, ester, and ketone 

aldehyde, alkyne, ester, and ketone O 
aldehyde, alkene, carboxylic acid, and ester 

acid anhydride, aldehyde, alkene, and C 
amine RS 


TODD 


C The derivatives are circled below: 


C 
Z 
0 on 
Choice A is wrong because there are 
no ketones in the molecule. A 
ketone has a carbonyl o 
group linked to two | 
hydrocarbons as shown to 
the right. All the carbonyls Pe 
in the molecule are linked to Ri R2 
at least one oxygen atom. Choice B 
is wrong because there are no 
ketones and no alkynes in the 
molecule. An alkyne contains a 


C==C triple bond. Choice D is wrong because there are no acid 
O O anhydrides (shown to the left) and no Rı—N-R3 or H 
|| || amines (shown to the right). Amines 


C C require at least one N-C bond and there are R- or H 
R No Sio no nitrogen atoms in the molecule. 


112. Which group of scientists made contributions in the same area of 
chemistry? 


Volta, Kekulé, Faraday, London 
Hess, Joule, Kelvin, Gibbs 

Boyle, Charles, Arrhenius, Pauli 
Davy, Mendeleev, Ramsay, Galvani 


Jow 


B Hess, Joule, Kelvin, and Gibbs all contributed to thermochemistry and have 
thermodynamic entities named after them. Volta, Faraday, and Galvani 
(choice D) contributed to electrochemistry, Kekulé to organic chemistry, 
London to chemical bonding, Boyle and Charles to gas laws, Arrhenius to 
acid/base chemistry and thermochemstry, Pauli to quantum theory, Davy and 
Ramsay to element isolation, and Mendeleev to the periodic table. 
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113. Which of the following pairs are isomers? 


aa H co. CH3 
l. TEE N—N Il. pentanal 2-pentanone 
/ a / \ 
H CH3 H H 
B Br 
TH H2 Br H2 | H3C H 
fo — She eee cr \ ` 
Ill. HC CH ?~y < IV. C— OH „C— OH 
IC C —— C yw / po“ / 
Ho | H H 
Br F H3C 
A. | and IV 
B. ll and Ill 
C. |, Il, and III 
D. 1, H, HI, and IV 


B In pair |, the N—N bond may freely rotate in the molecule because it is not a 
double bond. The identical molecule is represented twice. 


H H2 
For pair Il, pentanal is os wow 
and 2-pentanone is: O O „C C 
|| H2 H2 
H2 
C C 
Hac bo Nch 
2 


Both molecules are CsH100, and they are isomers because they have the 
same formula with a different arrangement of atoms. 


In pair Ill, both molecules are 1,3-dibromocyclopentane, CsHgBr2. In the first 
molecule, the bromines are in a trans configuration, and in the second 
molecule, they are cis. The two molecules are also viewed from different 
perspectives. Unlike pair 1, no bond rotation may occur because the 
intervening atoms are locked into place by the ring, so they are different 
arrangements and are isomers. 


In pair IV (1-fluoroethanol), there is a chiral center, so 
stereoisomers are possible, but as in pair |, the same ‘C—OH 
molecule is represented twice. Rotating the C-O bond | 
indicates that the two structures are superimposable. This HaC 


molecule: to the right is a stereoisomer to the molecule 
represented in IV. The answer is B (pairs II and III). 
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114. Which instrument would be most useful for separating two different 
proteins from a mixture? 


A. UV/Vis spectrophotometer 
B. Mass spectrometer 

C. Gas chromatograph 

D. Liquid chromatograph 


D UV/Vis spectrophotometry measures the light at ultraviolet and visible 
wavelengths that can pass through the mixture, and mass spectrometry 
determines molecular weights. Both might be used to find the concentration 
of each protein, but neither is a separation technique. Gas chromatography is 
used for small molecules in the gas phase. Proteins are too large to exist in 
the gas phase. Liquid chromatography (answer D) is used to separate large 
molecules. 


115. Classify these biochemicals. 


oO NH2 
OHOH 
N H_o 
I. = Il. H 
HO H 
O H OH 
H OH 
4 Z 
CH3 p én o 
m. “^ Ke IV. we Z 
= 
O 


C—NH HN 
/ 
fe) ye O 
L 
l-nucleotide, Il-sugar, Ill-peptide, IV-fat 


l-disaccharide, Il-sugar, Ill-fatty acid, IV-polypeptide 
l-disaccharide, Il-amino acid, Ill-fatty acid, IV- polysaccharide 
l-nucleotide, Il-sugar, IIl-triacylglyceride, and IV-DNA 


IOW 


A lis a phosphate (PO,) linked to a sugar and an amine: a nucleotide. II has 
the formula C,H2,O0,, indicative of a sugar. IIl contains three amino acids 
linked with peptide bonds. It is a tripeptide. IV is a triacylglyceride, a fat 
molecule. 
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116. You create a solution of 2.00 ug/ml of a pigment and divide the solution 
into 12 samples. You give four samples each to three teams of 
students. They use a spectrophotometer to determine the pigment 
concentration. Here is their data: 


Concentration (ug/ml) 
sample|sample|sample|sample 
Team 1 2 3 4 
1 1.98 | 1.93 | 1.92 | 1.88 
2 1.70 | 1.72 | 1.69 | 1.70 
3 | 1.78 | 1.99 | 2.87 | 2.20 


Which of the following are true? 


Team 1 has the most precise data 

Team 3 has the most accurate data in spite of it having low precision 

The data from team 2 is characteristic of a systematic error 

The data from team 1 is more characteristic of random error than the data 
from team 3. 


Jow 


C For choice A, the data from team 2 are closer to the mean for team 2 than the 
data from team 1 are to its mean. Therefore, team 1's data does not have the 
most precision. 


For choice B, the mean from team 1 is near 1.9 ug/ml (we don't need to 
calculate exact values). It differs from the actual value by 0.1 ug/ml. The 
mean from team 2 is near 1.7 ug/ml and is inaccurate by 0.3 ug/ml. The 
mean from team 3 is not obvious, but it may be calculated as 2.21 ug/ml, 
differing from the actual value by about 0.2 ug/ml. Team 3's data is less 
accurate than the data from team 1. 


The data from team 2 is clustered close to a central value but this value is 
wrong. Low accuracy with high precision is indicative of a systematic error. 
(C is correct). 


For choice D, a lack of precision is indicative of random error, and the data 
from team 1 is more precise than the data from team 3. 
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117. Which pair of measurements have an identical meaning? 


A. 32 micrometers and 0.032 g 
B. 26 nm and 2.60x10 m 

C. 3.01x10~° m? and 30.1 ml 
D. 0.0020 L and 20 cm? 


C For A, the prefix micro— indicates 10°. 32 micrograms is 0.000032 g. For B, 
the two measurements do not have the same meaning because they differ in 
the number of significant figures. 26 nm is 2.6x10-° m. The symbol "n" for 
nano— indicates 10°. For C and D, unit conversions between cubic meters 
and liters are required. 

1000 L 1000 ml 

x x 
1m? 1L 

1m? . (100)? cm? 

1000 L 1m? 


For C: 3.01x 10° m? =30.1ml (C is correct). 


For D: 0.0020 L x = 2.0 cm? (D is incorrect). 


118. Match the instrument with the quantity it measures 


I. eudiometer 
ll. calorimeter 
lll. manometer 
IV. hygrometer 


A. l-volume, Il-mass, IIl-radioactivity, IV-humidity 

B. l-volume, II-heat, IIl-pressure, IV-humidity 

C. l-viscosity, Il-mass, Ill-pressure, IV-surface tension 
D. l-viscosity, Il-heat, Ill-radioactivity, IV-surface tension 


B A eudiometer is a straight tube used to measure gas volume by liquid 
exclusion. A calorimeter is a device used to measure changes in heat. A 
manometer is a U-shaped tube used to measure pressure. A hygrometer 
measures humidity (Answer B). Mass is measured with a balance, 
radioactivity is measured with a Geiger counter or scintillation counter. 
Viscosity is measured with a viscometer, surface tension is measured by 
several different techniques. 
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119. Four nearly identical gems from the same mineral are weighed using 
different balances. Their masses are: 


3.4533 g, 3.459 g, 3.4656 g, 3.464 g. 


The four gems are then collected and added to a volumetric cylinder 
containing 10.00 ml of liquid, and a new volume of 14.97 ml is read. 
What is the average mass of the four stones and what is the density of 
the mineral? 


. 3.460 g, and 2.78 g/ml 
. 3.460 g and 2.79 g/ml 

. 3.4605 g and 2.78 g/ml 
. 3.461 g and 2.79 g/ml 


0UNOWDY> 


B The average mass is the sum of the four readings divided by four: 
(3.4533 g+ 3.459 g+3.4656 g+3.464 g)/4 = 3.460475 g (caculator value) 


This value must be rounded off to three significant digits after the decimal 
point because this is the lowest precision of the added values. The four is an 
exact number. This means rounding downwards to 3.460 g, eliminating 
choices C and D. The volume of the collected stones is found from the 
increase in the level read off the cylinder: 

14.97 ml—10.00 ml= 4.97 ml 


The density is found by dividing the sum of the masses by this volume: 
3.4533 g + 3.459 g+3.4656 g +3.464 g 13.8419 g _ 2.7850905g/ml (caculator value) 
4.97 ml 4.97 ml 


This value must be rounded off to three total significant digits because this is 
the lower precision of the numerator and the denominator. The first 
insignificant digit is a 5. In this case there are additional non-zero digits after 
the 5, so rounding occurs upwards to 2.79 g/ml (answer B). 


CHEMISTRY 346 


TEACHER CERTIFICATION STUDY GUIDE 


120. Which list includes equipment that would not be used in vacuum 
filtration. 


A. Rubber tubing, Florence flask, Buchner funnel 

B. Vacuum pump, Hirsch funnel, rubber stopper with a single hole 
C. Aspirator, filter paper, filter flask 

D. Lab stand, clamp, filter trap 


A Florence flasks are round-bottomed and are used for uniform heating. They 
do not have the hose barb or the thick wall needed to serve as a filter flask 
during vacuum filtration. Only a designated filter flask should be used during 
vacuum filtration. Every other piece of equipment could be used in filtration. 
A spatula is often used to scrape dried product off of filter paper. 


121. Which of the following statements about lab safety is not true? 


A. Corrosive chemicals should be stored below eye level. 

B. Achemical splash on the eye or skin should be rinsed for 15 minutes in 
cold water. 

C. MSDS means "Material Safety Data Sheet." 

D. A student should "stop, drop, and roll" if their clothing catches fire in the 
lab. 


D Inthe lab, the safety shower should be used. 


122. Which of the following lists consists entirely of chemicals that are 
considered safe enough to be in a high school lab? 


hydrochloric acid, lauric acid, potassium permanganate, calcium hydroxide 
ethyl ether, nitric acid, sodium benzoate, methanol 

cobalt (II) sulfide, ethylene glycol, benzoyl peroxide, ammonium chloride 
picric acid, hydrofluoric acid, cadmium chloride, carbon disulfide. 


TODD 


A Hydrochloric acid (HCI) is a common acid reagent in high school chemistry. 
Lauric acid is the fatty acid CH3(CHz);9 COOH also known as dodecanoic acid. 
Potassium permanganate (KMnO1) is a strong oxidizer. Calcium hydroxide 
(Ca(OH)2) is a strong base. These chemicals in their pure state are 
hazardous, but they are considered safe enough to be in high schools. Ethyl 
ether (Choice B) should not be in high schools because it may form highly 
explosive organic peroxides over time. Benzoyl peroxide (choice C) at low 
concentrations in gel form is an acne medication, but the pure compound is 
highly explosive. Choice D consists entirely of chemicals that are too 
dangerous for high schools. Picric acid is highly explosive, hydrofluoric acid 
is very corrosive and very toxic, all cadmium compounds are highly toxic, and 
carbon disulfide is explosive and toxic. 
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123. The following procedure was developed to find the specific heat 
capacity of metals: 


1. Place pieces of the metals in an ice-water bath so their initial 
temperature is 0 °C. 

2. Weigh a styrofoam cup. 

3. Add water at room temperature to the cup and weigh it again 

4. Add a cold metal from the bath to the cup and weigh the cup a third 
time. 

5. Monitor the temperature drop of the water until a final temperature at 
thermal equilibrium is found. 


is also required as additional information in order to obtain heat 
Capacities for the metals. The best control would be to follow the same 
protocol except to use in step 4 instead of a cold metal. 


A. The heat capacity of water / a metal at 100 °C 

B. The heat of formation of water / ice from the O °C bath 
C. The heat of capacity of ice / glass at O °C 

D. The heat capacity of water / water from the 0 °C bath 


D The equation: 
g=nxCx AT 


is used to determine what additional information is needed. The specific heat, 
C, of the metals may be found from the heat added, the amount of material, 
and the temperature change. The amount of metal is found from the 
difference in weight between steps 3 and 4, and the temperature change is 
found from the difference between the final temperature and 0 °C. The 
additional value required is the heat added, q. This may be found from the 
heat removed from the water if the amount of water, the heat capacity of 
water, and the temperature change of water are known. The amount of water 
is found from the difference in weight between step 2 and 3, and the 
temperature change is found from the difference between the final 
temperature and room temperature. The only additional information required 
is the heat capacity of water, eliminating choices B and C. Heat of formation 
(choice B) is only used for chemical reactions. 


A good control simplifies only the one aspect under study without adding 
anything new. Metal at 100 °C (choice A) would alter the temperature of the 
experiment and glass (choice C) would add an additional material to the 
study. Ice (choice B) would require consideration of the heat of fusion. 
Choice D is an ideal control because the impact of water at 0 °C on room 
temperature water is simpler than the impact of metals at 0 °C on room 
temperature water, and nothing new is added. 
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124. Which statement about the impact of chemistry on society is not true? 


A. Partial hydrogenation creates trans fat. 

B. The Haber Process incorporates nitrogen from the air into molecules for 
agricultural use. 

C. The CO; concentration in the atmosphere has decreased in the last ten 
years. 

D. The concentration of ozone-destroying chemicals in the stratosphere has 
decreased in the last ten years. 


C CO; concentrations in the atmospehere continue to increase (answer C), but 
the concentration of ozone destroying chemicals has fallen (answer D) due to 
international agreements. 


125. Which statement about everyday applications of chemistry is true? 


Rainwater found near sources of air pollution will most likely be basic. 
Batteries run down more quickly at low temperatures because chemical 
reactions are proceeding more slowly. 

C. Benzyl alcohol is a detergent used in shampoo. 

D. Adding salt decreases the time required for water to boil. 


w > 


B Souces of air pollution (choice A) will most likely cause acid rain. 


Low temperatures decrease reaction rates, and this is also true of 
electrochemical reactions in batteries. At low temperature, less current is 
supplied and the effect will be a short life for applications that demand 
current. (Answer B is correct). 

, OH 
Benzyl alcohol (choice C) has the formula shown to the 
right. Like detergents, this molecule has a non-polar region 
(the benzene ring) and a polar region (the hydroxyl group). 
But, unlike detergents, the non-polar region for benzyl 
alcohol is small and short. Detergents have long, "tail-like" non-polar regions 
that can surround oils and grease. Benzyl alcohol is sometimes included in 
shampoo to prevent itching and bacterial growth. 


Adding salt (choice D) increases the boiling point of water, thus increasing the 


time required for water to boil. It decreases the time required to cook food 
once boiling occurs. 
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Sample Open-Response Questions 


Directions: Read the information below and complete the given exercise. Explain 
your reasoning and show your work. 


126. Level: Challenging. 


A teapot containing 675 g of water at 25.0 °C is placed on a kitchen 
stove and heated to 100.0 °C until just before it begins to boil. Natural 
gas is delivered to the stove at a rate of 135 mL per second at 25.0 °C 
and a constant total pressure of 1.13 atm. Natural gas is supplied with 
the following composition: 


Weight percentage 
Methane Ethane Carbon dioxide 
94.9% 44% 0.7% 


a. How much energy is required to heat the water in the teapot? The 
specific heat of water is 4.18 J/(gU C). 


b. Write balanced equations for the combustion of methane and of 
ethane. 


c. How many moles of gas are supplied to the stove each second? 
Assume that the gas behaves as an ideal gas. 
R =0.08205 Liatm/(molk). 


d. How many moles of methane and ethane are supplied to the stove 
each second? 


e. How much heat is produced by hydrocarbon combustion each second? 
Assume complete combustion and use the following values: 


Heat of combustion (kJ/mol) 
Methane Ethane 


890 2900 


f. What is the mass of carbon dioxide released into the atmosphere each 
second? Assume complete combustion. 


g. Using only the answers from A and E, estimate a length of time for the 
water to reach 100.0 °C. An experiment was performed and the water 
was observed to reach 100.0 °C in 258 seconds. Provide a reason 
why this value differs from the estimated value. 
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127.Level: Intermediate. 


Students are learning about equilibrium in a chemistry laboratory 
exercise. The relevant materials include: an aqueous solution of 
CoCl2, concentrated HCI, water, a hot water bath, an ice-water bath, 
and all necessary glassware. CoCl, dissociates in water into CI ions 
and Co”* ions which form the hydrated complex [Co(H20).]**. This 
ionic complex turns the solution pink. When HCI is added, the 
additional CI” reacts with [Co(H20)s]™ in a mildly endothermic 
reversible reaction to form [CoCI,]*. This ion turns the solution blue. 


Write an essay describing a qualitative (not quantitative) investigation to 
explore the effects of both concentration and temperature on equilibrium. In 
your essay: 


a.Describe an appropriate experimental design. 


b.Describe the kind of data that will need to be gathered and how the data 
will be analyzed. 


c. Describe the expected results of the study and relate the results to the 
reactions involved and the relevant concepts of chemical equilibrium. 
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Sample Open-Response Answers 


Note: Many chemistry essays on certification exams consist of quantitative 
problem solving with the requirement to show your work. The first of the two 
sample essays is of this type. For additional practice, | recommend solving 
quantitative problems from the multiple choice sample test with an “essay 
mindset” and comparing your essays to the solutions shown in the “Answers 
with Solutions” section. Some chemistry essays require little or no quantitative 
problem solving, but they ask for an experimental design or analysis of a 
design. The second of the two sample essays is of this type. These essays 
usually have no single correct solution. 


126. 
A) The energy required to heat the water in the teapot may be found from the 
mass, specific heat, and temperature change of the water by utilizing the 
expression: 


gq=mxCxAT where q = heat added 
m => mass of water 


C > specific heat of water 
T 


AT > change in temperature T; niai 


inal 


Substituting values yields: 


q =675 gx 4.18 x (100.0 °C — 25.0 °C)=211x10° J 


g fC 
=211kJ 


211 kJ of energy are required. 


B) The chemical formula for methane is CH, and the formula for ethane is 
C2H6. During combustion reactions, the substance reacts with oxygen, and 
products consist of compounds with oxygen with each atom at its highest 
possible oxidation state. For C, this product is COz, and for H itis H20. The 
unbalanced equations are: 


CH,+O, > CO,+H,O for methane and 
C,H, +O, > CO,+H,O for ethane 


The most complex molecule in both cases is the hydrocarbon, and soa 
stoichiometric coefficient of one will be assumed for now. 
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For methane, this results in 1 C atom on both the left and right, so C is 
balanced. There are 4 H atoms on the left side of the equation and 2 on the 
right. A stoichiometric coefficient of 2 for H2O corrects this imbalance: 


CH,+?0, > CO,+2H,O. 
Finally, there are 2 O atoms on the left and 4 on the right. A stoichiometric 


coefficient of 2 for O2 balances the equation: 
CH,+20, > CO,+2H,O. 


For ethane, there are 2 C atoms on the left and one on the right, soa 
coefficient of 2 will initially be given to CO2. There are 6 H atoms on the left 
and 2 on the right, so H20 will have a coefficient of 3: 

C,H,+?0, — 2CO,+3H,O. 
There are 2 O atoms on the left and 7 on the right. A fractional 
stoichiometric coefficient describes the combustion of one mole of ethane: 


CH,+50, -> 2CO,+3H,O 


Finally, the fractional coefficient could be eliminated by multiplying the entire 
expression by 2: 

2C,H,+70, — 4CO,+6H,O 
A final check confirms that there are now 4 C atoms, 12 H atoms, and 14 O 
atoms on both sides of the equation. 


C) The problem states that 135 mL of an ideal gas are supplied to the stove 
each second. The pressure and temperature are also known. The ideal gas 
equation, PV = nRT , may be rearranged to solve for the number of moles 
of gas flowing in a second: 

_ PV 

RT 

135 mL is converted to 0.135 L to correspond to the given units of the ideal 

gas constant. . 25.0 °C is converted to Kelvin before using the ideal gas 

law: 


n 


273.15 + 25.0 = 298.15 K (the last digit isn’t significant) 


Plugging these values into the equation for one second of gas flow yields: 


1.13 atmx0.135 z mol 
han S ee sea) eee 
S 


0.08205 H x 298.15 K 
molK 


0.00624 moles of gas are supplied to the stove each second. 
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D) Weight percentages of methane and ethane must first be converted to mole 
fractions using the molecular weights of all three species. These fractions 
will then be used with the answer to part C to determine the number of 
moles of each hydrocarbon supplied to the stove every second. 


The molecular weights of the three components are: 
For methane: 12.011+ 4x1.0079 = 16.043 g/mole CH, 


For ethane: 2x12.011+ 6x1.0079 = 30.069 g/mole C,H, . 
For carbon dioxide: 12.011+ 2 x15.999 = 44.009 g/mole CO, 


The molecular weights and weight percentages given in the table will be 
used to find the number of moles of each component using a basis of 
exactly 1 g of natural gas: 

0.949 g CH, mole CH, _ 0.05915 mole CH, 


g gas 16.043 g CH, — g gas 
0.044 g C,H, y mole C,H, __ 0.00146 mole C,H, 
g gas 30.069 g C,H, g gas 
0.007 g CO, x mole CO, __ 0.00016 mole CO, 
g gas 44.009 g CO, g gas 


These intermediate results contain an extra, insignificant digit. The three 
values above are added together to give the total number of moles in a gram 
of gas: 
mole gas 

gas ` 
The mole fractions of the hydrocarbon components may then be found: 


0.05915 mole CH, -0 9733 TOE CH, 


0.05915 + 0.00146 + 0.00016 = 0.06077 


0.06077 mole gas ` mole gas 
0.00146 mole C,H, _ 0.0240 mole C,H, 
0.06077 mole gas mole gas 


Finally, these values are multiplied by the result from part C to give the 
moles of hydrocarbons supplied each second. The extra insignificant digit 
for the ethane problem is removed from this final result. 


0.00624 T'E 9AS | 4 9733 Mole CH, _ 0.00607 Mole CH. 
mole gas 

0.00624 More 925 0.0240 TEE CAs = 0,00015 mole CH. 
mole S 
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E). The heats of combustion are multiplied by the rate of supply for each gas: 


mole CH, 890 kJ 


0.00607 =5.4 KJ from methane combustion 
mole CH, S 
0.00015 mole CHe < 2900 reece = 0.44 from ethane combustion 
S mole C,H, S 


The total heat produced from hydrocarbon combustion is the sum of these 
two values: 5.8 kJ each second. 


F) There are three sources of carbon dioxide in this problem. CO2 already in 
the natural gas before combustion is released into the atmosphere. This 
value is found from its weight percentage and values calculated in parts C 
and D: 


0.007 g CO, ' g gas g 0.00624 mole gas 
g gas 0.06077 mole gas S 


-0.0007 9 CO2 
S 


CO: from combustion is found from the values calculated in part D and the 
stoichiometry of the chemical equations from part B. 


For methane: 


0.00607 mole CH, 7 1 mole CO, 4 44.009 g CO, -0.2678 CO, 
1 mole CH, 1 mole CO, S 
For ethane: 
0.00015 mole C,H, 2 4 mole CO, x 44.009 g CO, — 0.0138 CO, 
2 mole C,H, 1 mole CO, S 


The mass of CO; released is found from the sum of these three 
contributions: 


0.0007 + 0.267 + 0.013 = 0.2819 C02 : 
S 


G) From A, 211 kJ are required to heat the water. From E, the rate of heat 
produced by combustion is 5.8 kJ per second. An estimate of the number of 
seconds to heat the water may be found by dividing the heat required by the 
rate at which it is supplied: 


jiki- S 
5.8kKJ 


= 36 seconds. 
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One reason why this value differs from the observed value of 258 seconds is 
because the heat supplied by combustion does not transfer perfectly into the 
heating of water in an insulated, adiabatic process. Heat from combustion 
will also be used to raise the temperature of the teapot, the stovetop, and 
nearby air. Heat from the hot water is also lost to the air. 
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127. The dissociation of CoCl in water and the formation of the pink-colored 
complex is described by the reaction: 


CoCl,(s) + 6H,O(/) —> [Co(H,O),]** (aq) oink + 2Cl (aq) 
The dissociation of HCI is described by the reaction: 
HCl(aq) > H (aq) + CI (aq). 
When these two solutions are combined, the pink solution is expected to 


turn blue due to the formation of [CoCl,]*. The equilibrium reaction under 
study is: 


[Co(H,O),]**(aq)pnyx + 4Cl (aq)+heat0 [CoCl,]* (aq)a: ye + 6HO(/) 


The relevant concept under study is Le Chatelier’s principle and its 
application to the impact of concentration and temperature on equilibrium. 


The only data that will be gathered in this qualitative study is an observation 
of color changes. Every color change should be recorded in the students’ 
lab notebooks. A color change from pink to blue indicates the reaction 
above is occurring from left to right. A color change from blue to pink 
indicates the reaction is occurring from right to left. 
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The first step will provide a large volume of uniform experimental material for 
the students. This step will utilize concentrated HCl, so it should be 
performed by the instructor while the students watch. The instructor should 
wear gloves. Concentrated HCI should be slowly added to the cobalt(II) 
chloride solution until the entire solution changes color. Students should 
note the color before and after the change takes place. This should be a 
change from pink to blue because the equilibrium reaction under study has 
shifted to the right to partially offset the impact of added chloride ion. A 
sufficient volume should be prepared to provide every student or team of 
students with an aliquot of 10 mL of this blue solution. Even though these 
volumes are small, the students are still handling a corrosive acid at 
moderate concentration and should wear gloves to minimize their risk of 
contact. The students should perform the following procedure and answer 
the following questions: 


1. Label six test tubes 1 through 6. 

2. Place half of your blue solution in tube 1 and half in tube 2. 

3. Add water to tube 2 until a change in color takes place. Which 
direction does the equilibrium shift when water is added? 
(Answer: Adding water shifted equilibrium from right to left) 

4. Divide the solution in tube 1 in half. Place half in tube 3 and 
half in tube 4. 

5. Divide the solution in tube 2 in half. Place half in tube 5 and 
half in tube 6. 

6. Test tube 3 and 4 should contain blue solution and the solution 
in tubes 5 and 6 should be pink. 

7. Place tubes 3 and 5 in the hot water bath. Which solution 
changes color? (Answer: solution in tube 5 turns blue) Which 
direction did the equilibrium shift? (Answer: Adding heat 
shifted equilibrium from left to right). 

8. Place tubes 4 and 6 in the ice-water bath. Which test tube 
changes color? (Answer: solution in tube 4 turns pink) Which 
direction did the equilibrium shift? (Answer: Removing heat 
shifted equilibrium from right to left). 
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The following table summarizes the experimental study in terms of 
predictions from Le Chatelier’s principle and the expected results in the lab: 


[Co(H,O),]**(@q) pin + 4Cl (aq)+heatO [CoCl,]* (aq) 5, y- + 6H,O(/) 


Test tube Treatment Prediction Result 
x ; . Pink to blue 
1 Instructor added Cl Shift to the right (moved to 3 and 4) 
. Blue to pink 
2 Add H20 Shift to the left (moved to 5 and 6) 
: : No change 
3 Add heat Shift to the right (or deeper blue) 
4 Remove heat Shift to the left Blue to pink 
5 Add heat Shift to the right Pink to blue 
6 Remove heat Shift to the left No change 
(or deeper pink) 
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